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Preface 


p 


The book is designed for the last two or three years of chemistry courses which lead to, 
examinations at 16 +. Whereas the topics in the book are those which are required by 
the syllabuses of the various examination boards, we believe it is essential that the study 
of these topics should also be justified in other ways. This has been achieved by showing 
how certain lines of enquiry help to develop our understanding of the behaviour of 
substances and also by emphasising the parts played by individual scientists in the 
development of the subject. The other main reason for including topics is that they are 
important to our present and future lives. The applications of chemistry are 
considered, not only because of their economic importance, but also from the point of 
view of their effects on our environment and the need to conserve the world’s resources. 
Many of the photographs in the text illustrate the part played by chemistry in Today’s 
World. ; 

While writing the book, we have assumed and indeed believe, that teachers prefer to 
devise their own courses and do not wish to provide a book for their students which 
places too many constraints on the teaching sequence or teaching methods employed. 
Thus we have written a single-volume book and divided each chapter into two distinct 
though related parts—investigations and text. This separation is intended to allow 
greater flexibility in use than is possible with a course book. It is not an attempt to 
divorce practical work from theoretical progress and thus within the text, wherever 
theories are outlined, they are presented as possible explanations of observable 
behaviour. ? 

Instructions for investigations are given at the beginning of most chapters and those 
which aremore appropriate as demonstrationsare described in the text. Theinstructions 
are written in such a way that the investigations may be used as an integral part ofa 
problem-solving type of approach. Each investigation is followed by questions which 
encourage the student to think about the observations before they are discussed more’ 
thoroughly in class. The investigations may be used at the discretion of the teacher, . 
whereas students are able to work independently with the text without necessarily 
having carried out all of the investigations. The division of each chapter into 
numbered sections, the extensive use of cross-referencing within the text and the 
comprehensive index, facilitate the retrieval of information, and students will find the 
book easy to use for revision. The summaries at the end of each chapter provide the 
student with an overview of the topic rather than a condensed version of the content. 

The book is supported by a data section and a set of questions. The data section 
includes tables of physical properties of selected elements and compounds. The 
questions cover the main topic areas in the book and each question in the second set of 
revision questions consists of several parts, with each successive part making increased 
demands on the students and so catering for the need to assess the knowledge and 
understanding of students who represent a wide range of ability. £ 

A teachers’ guide, which provides further details on the investigations and 
references to other sources of information and teaching aids may be obtained by 
sending a stamped addressed A5 envelope to J.N. Lazonby, Department of 
Education, University of York, Heslington, York Y01 5DD. 


Preface to the Second Edition 


We have taken the opportunity of the second edition to reinforce the general aims of 
the book. The emphasis which we have placed on the applications of chemistry and 
its economic and social importance is clearly in line with new syllabuses and with the 
National Criteria for Chemistry. The new edition has enabled us to include 
additional material in this area and to amend other material. 

Secondly we have modified the level of language and some of the sentence 
construction to improve further the readability of the text. 

Finally we have added to the usefulness of the text by responding to the findings of 
investigations into the teaching and learning of the quantitative aspects of chemistry. 
The individual operations involved-in problems are not in themselves found to be too 
difficult by students, however, the difficulties multiply when they are required to 
sequence several of these operations in order to solve a typical problem. Thus, a new 
set of exercises has been included which provides students with the opportunity to 
develop confidence in their ability to deal with the individual operations, before 
being asked to solve more complex problems. Cross-references are included to the 
sections of the main text which will help students with each exercise, and the answers 
are provided at the back of the book to all the odd numbered questions. This allows 
the exercises to be used either on the direction of the teacher or independently by the 
student. . 

In this edition the symbols æ and æ are used to indicate the practical instructions 
within the investigations, 
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Chapter 1 


What are substances made of? 


1.1 
What does a 
chemist do? 


Fie. 1.1 Some of the main 
sources of raw material 
for the chemical industry 
(a) inside the salt mine at 
Winsford, Cheshire. A 
lorry load of rock salt is 
being transported to 
another section of the 
mine. (Courtesy I.C.I. 
Lid, Mond Division. 
Photo: Photo Graphics, 
Merseyside) 


St. Paul’s Cathedral in London was designed by Sir Christopher Wren, On his tomb 
inside the cathedral is written ‘If you seek my memorial, look about you’. In other 
words, the cathedral is evidence of his work. 

Similarly, if we wish to see evidence of what a chemist does, we just have to look 
around us. Many of the materials which we use in our everyday lives involve the work 
of chemists at some stage in their production. The chemist’s products include plastics, 
paints, textiles, dyes, medicines, fertilisers, insecticides and detergents. Most of these 
products are made from a small number of raw materials, such as coal, oil, air, salt and 
limestone, which are present in or around our Earth. Itis the job of chemists to convert 
these raw materials into the substances we use. 


(b) A general view of 
the Swindon Limestone 
Quarry in Yorkshire, 
showing the rock face and 
the lime-kilns. (Courtesy 
Tilling Construction 
Industries Ltd. Photo: F. 
Holmes) 


(c) An oil production platform 
in the North Sea 


1.2 
Chemical and 
physical changes 


Fig. 1.4 A lighted candle 
involves both chemical and 
physical changes. (Photo: 
Russell Edwards, BSc) 


Fig. 1.2 The materials used to make this motorbike, | Fig. 1.3 A use of chemical techniques in the food 
such as the metals for the engine and frame, the plastic’ industry ~ this photograph shows thin layer and paper 
for the seat and cable covering, the rubber for the tyres chromatography being used to separate and identify the 
and the glass for the lights, are all produced by 

chemical processes. (Photo: Russell Edwards, B.Sc) 


Chemists are also employed in medical work where, for example, the results of 
chemical tests on a sample of blood or urine can help a doctor to diagnose a patient's 
illness, Chemical techniques are also important in forensic science (the use of science 
for investigating crimes), checking the purity of water and food supplies, and many 
other areas which influence our daily lives. 


colouring materials in Smarties, (Courtesy Rowntree 
Mackintosh Ltd) 


Most raw materials consist of mixtures of substances, The chemist must first find 
ways of separating the useful substances from these mixtures and then converting them 
into the materials which are required 

In order to carry out these steps, chemists perform two types of changes on 
substances, One type of change is more drastic than the other. The differences can be 
illustrated by thinking about the ways in which candle wax can be changed. 

When candle wax is heated it melts to form a colourless liquid, but if the liquid is 
cooled, it changes back to solid wax again. The melting of candle wax has not changed 
it into a different substance. It is still candle wax even when it is a liquid. 

On the other hand, if candle wax is held in a flame, it will burn with a yellow flame, 
giving off smoke and gases. In this example, the candle wax has been changed into 
different substances. It would be very difficult to change these substances back into 
candle wax 


TABLE 1,1, Physical 
and chemical changes 


13 
What substances 
consist of 


A change in which different substances are not formed (e.g. melting wax) is called a 
physical change, as we have only changed the physical form of the substance 

A change in which different substances are formed (e.g. burning wax) is called a 
chemical change, as new chemical substances have been formed, 

Chemical changes can be called chemical reactions. This name is parti ularly 
appropriate if the chemical change occurs when two substances are put together 
Clearly, in this type of change the two substances can be thought of as reacting together 
to form different substances. For example, the change which occurs when a piece of 
wood is burned, can be thought of as a reaction between wood and air. Ash, smoke and 
gases are formed by this reaction. 

This particular chemical reaction needs some heat to start it off, but once started, the 
wood burns and gives out more heat. Many rea tions need heat to start them off, but 
some occur by simply mixing the substances For example, a chemical reaction occurs 
between two components of health salts when they are dissolved in water, Some types 
of glue work by mixing two components together; a chemical reaction occurs while the 
glue is setting. The resin which is used with fibreglass to repair damaged motor cars is 
made by mixing two substances which react together, 

Sometimes it is obvious that new substances have been formed, but if it is not, what 
other ways are there of telling that a chemical change has occurred? One sign might 
be that there is an obvious energy change. For example, when a substance burns 
energy in the forms of heat and light is given out. When the components of a glue or 
resin are mixed no light is given out (i.e. there is not a flame) but the mixture does 
become hot which indicates that a chemical change is occurring. 

During a chemical change different substances are formed and it is usually difficult 
to convert these substances back to the original substances, This means thata chemical 
change is not easily reversible, However, you must take care when using this indication 
of a chemical change. If, for example, you break a glass bottle, it is not easy to reverse 
the change, but this is nota chemical change as no new substances have been formed 
The broken pieces of bottle are still made of glass. A physical change has occurred 
because you have changed the physical form of the bottle. To reverse the change, it 
would be necessary to melt the glass and reshape it This would not be easy for most of 
us, but it would still be a physical change 

The differences between physical and chemic al changes are summarised in 


Table 1.1. 


PHYSICAL CHANGES CHEMICAL CHANGES 


New substances are formed in 


the change 


No new substances are 
formed. The product is 
chemically identical to the 
starting material 


Differences 


1. The change can often be Usually the product can only 
simply reversed be converted back to the 
original material with great 
difficulty 

Often accompanied by 
obvious energy changes. 


Pomible signs 


2. The energy changes are 
usually small 


Chemists have investigated materials by carrying out physical and chemic al changes 
on them. They have found that every material can be broken down into one or more 
of about ninety substances which cannot themselves be broken down into anything 
simpler. These substances, from which everything is made, are called elements 


3 


a 
» 


1.4 
The elements 


TABLE 1.2. Some 
common elements 


For example, if electricity is passed through molten salt, the salt is broken down into 
two substances, One of these substances is a silvery-grey metal called sodium and the 
other is a pale green gas called chlorine. Try as hard as we might, we cannot break 
down sodium and chlorine into anything simpler. Sodium and chlorine are therefore 
elements. 

Water can be split up into hydrogen and oxygen, but hydrogen and oxygen cannot 
be broken down any further. Therefore, hydrogen and oxygen are elements, but water 
1s not. 

Other common elements which you are likely to have heard of are iron, aluminium 
and copper. If you have a piece of copper, then it is just copper—you cannot get 
anything else out of it. On the other hand blue copper sulphate is not an element. By 
carrying out chemical changes on the crystals it is possible (although not easy) to 
obtain from them four different elements: copper, sulphur, hydrogen and oxygen. 

A list of elements is given in the Data Section. From what is known about the 
elements, we are able to say that nowhere in the whole Universe are we likely to find 
any more than the ninety or so elements which can be found in the Earth or its 
atmosphere. 


There is considerable variety in the elements which exist. The most obvious way in 
which they differ is in their physical states. Many are solids, some are gases and two are 
liquids at room temperature and pressure. : 

Another way of classifying elements is to divide them into metals and non-metals 
as in Table 1.2. All of the gases, one of the liquids (bromine) and a small number of 
solids are non-metals. All of the other solids and the other liquid (mercury) are metals. 


SOLIDS LIQUIDS GASES 
AT ROOM TEMPERATURE AT ROOM TEMPERATURE AT ROOM TEMPERATURE 


METALS NON-METALS METALS NON-METALS NON-METALS 


-+ 
aluminium carbon mercury bromine chlorine 
calcium phosphorus fluorine 
chromium sulphur helium 
coppe: 

pper hydrogen 
gold neon 


iron x 
ledd nitrogen 
i oxygen 
magnesium 
platinum 
radium 
silver 
sodium 
tin 
uranium 
zinc 


Ifyou were to obtain a sample ofa solid element from a material, how would you know 
whether it was a metal or a non-metal? One possible way of deciding would be simply 
to look at it and to handle the solid. Metals are usually shiny and most are silvery-grey 
in colour (copper and gold-are obvious exceptions). They are generally hard and 
strong, and they feel cold to the touch because they easily conduct heat away from your 
hand. Metals can usually be beaten or rolled into strips or sheets, and drawn into wires. 

Solid non-metallic elements are not as uniform in their appearances and natures as 
metals. They show a variety of colours. Sulphur is yellow, phosphorus is either red or 
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TABLE 1.3. The physical 
properties of metallic 

and solid non-metallic 
elements 


1.5 
Putting elements 
together 


light yellow and carbon is black or grey. They are usually hard and brittle (although 
some forms of carbon and phosphorus are not). They are poor conductors of electricity 
(except carbon), and they are poor conductors of heat, so they do not feel as cold to the 
touch as metals. Generally non-metals are less dense than metals. 

The physical differences between metallic and non-metallic elements are 


summarised in Table 1.3. 


METALLIC SOLID NON-METALLIC 
ELEMENTS ELEMENTS 


Variously coloured 

A wide variation in hardness 
and strength 

Generally low densities 


Generally poor conductors of 
heat and electricity 


Shiny, silvery-grey colour 
Generally hard and strong 


Generally high densities 


Good conductors of heat and 
electricity 


All this table does is to show the general properties of the two groups of elements. 
There are exceptions to most of these properties. A more definite way of deciding ifan 
element is metallic or non-metallic is to examine its chemical properties. These 
properties are considered in 11.19. 


Iron and sulphur are two solid elements and the effects of putting them together in 
different ways are easily studied. Iron, when alone, is attracted to a magnet and goes 
rusty when exposed to moist air. When dilute sulphuric acid is added to it, bubbles of 
gas are steadily given off and the gas can be shown to be hydrogen. 

If powdered sulphur is stirred with iron filings, so that the two are thoroughly mixed, 
the iron filings in the mixture will still be attracted to a magnet, will still go rusty if the 
mixture is exposed to moist air and will still react with dilute sulphuric acid, causing 
hydrogen to be given off. The presence of the sulphur in the mixture has not changed 
the behaviour, or properties, of the iron. 

If the mixture of iron filings and sulphur is heated it glows red-hot, and the glow 
persists for a while even when the flame is removed. This shows that heat is being given 
out by the elements and suggests that they are reacting with each other. The iron 
becomes joined to, or combined with, the sulphur to form a black compound called 
iron(II) sulphide. 

If there was sufficient sulphur in the mixture to combine with all the iron, the 
product would not be.attracted to a magnet and would show no sign of rusting when 
exposed to moist air. If dilute sulphuric acid is added to the black solid a gas is given off, 
but this time, instead of hydrogen, it is a foul-smelling gas called hydrogen sulphide. 
The properties of the iron, when it is joined to (combined with) the sulphur, are quite 
different to those which it shows when alone or when simply mixed with the sulphur. 

Every substance in this world which contains more than one element is either a 
mixture of elements or a compound in which the elements have been joined together. 
Ina mixture the elements are able to show the same properties as they do when alone. 
A compound has its own properties which are usually different from those of the 
elements in it. 

Air is a mixture of gases, the most abundant ones being oxygen and nitrogen. It 
will allow things to burn in it and animals to breathe in it, just as pure oxygen will. 
These processes are slower in air than in pure oxygen since the oxygen in air is diluted 
by the nitrogen and not so much of it is available in one place as would be the case in 


pure oxygen. 
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1.6 
What is a pure 
substance? 


1.7 
Summary 


Nitrogen dioxide is a compound of nitrogen and oxygen and is a brown gas which is 
acidic (air is not acidic), dissolves readily in water (not much of air dissolves in water) 
and will allow only very hot substances to burn in it. The properties of oxygen have 
been changed by combining it with nitrogen. 

Another difference between a mixture and a compound becomes obvious when we 
see how the two things can be separated into the elements. Iron can be extracted from a 
mixture of iron and sulphur simply by holding a magnet near it or by dissolving away 
the sulphur in a liquid called trichloroethane. If the iron and sulphur have combined 
to form iron(II) sulphide, the extraction of the iron is not so easy. A magnet will not 
attract the iron in it nor will trichloroethane dissolve the sulphur from it. 

Usually the separation of mixtures is quite easy ; the separation of a compound into 
its elements is much harder. The separation of a mixture usually involves physical 
changes, while chemical changes have to be used with compounds. 


A pure substance is one single chemical element or compound. For example, to a 
chemist pure water consists solely of the compound water and nothing else. A 
swimming bath supervisor may consider that the water which is put into the swimming 
pool is pure. However, it is pure only in the sense that all the bacteria have been 
removed and it is safe to swim in. Swimming bath water contains many other 
chemical substances dissolved in it, including the chlorine which has been added to 
kill the bacteria, and therefore it is far from ghemically pure. 

When a substance is pure it has a constant melting point and boiling point. An 
impurity lowers the melting point and raises the boiling point of a substance. Pure 
water boils at 100°C and freezes at 0°C but swimming bath water will boil at a 
temperature slightly above 100°C and freeze at a temperature slightly below 0°C. 

An indication as to whether or not a sample of a substance is pure can be obtained by 
finding its melting point or boiling point and comparing them to the accepted values 
for the pure substance. However, for a compound, the most reliable way of deciding if 
it is pure is to analyse it. All pure samples of any particular compound always consists 
of the same elements combined together in the same proportions by mass. The constant 
composition by mass of compounds is discussed in more detail in 4.7. 


1. It is the chemist’s job to find how to make useful substances from raw materials 
which are found in or around the Earth. To do this he must first find what the raw 
materials are made of. 

2. In order to find what substances are made of, they must be changed. The changes 
are of two sorts—physical changes and chemical changes. 

3. All substances in our Universe consist of one or more of about ninety substances 
which cannot be broken down into anything simpler. These substances are called 
elements. 

4. Elements can be roughly classified (according to their physical properties) as metals 
or non-metals. 

5. Elements can be put together in two ways. They can either be simply mixed or they 
can be made to combine together to give a compound. 

6. A pure substance consists of one single chemical element or compound, 


Chapter 2 


How can pure substances be 
obtained from mixtures ? 
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Investigation 
2.1 


Questions 


Investigation 
2.2 


@ 2to3cm. 


Is green ink a pure substance or a mixture? 


Green writing ink could consist of a pure green liquid or it could consist of a 
solution of a dye in a solvent. If the ink is a pure liquid and it is heated, it will 
all evaporate and will leave behind no residue. If, however, itis a solution of a 
dye, evaporation will leave behind the dye. 


You will need a beaker and a watchglass of such a size that it will rest on top 
of the beaker. 


Pour water into a beaker up to a depth of about 4 cm. Put about 2 cm? of 
green ink on a watchglass and then place the watchglass on top of the 
beaker. 

Heat the beaker with a Bunsen burner, gently at first and then more 
strongly. The water in the beaker will boil and the steam will heat the 
watchglass, evaporating the ink. Continue heating until there is no further 
change on the watchglass. 


1 Is there a residue on the watchglass? 
2 Isink a single substance? 


What is the liquid in green ink? 


If a solution of a solid in a liquid is heated, the liquid boils and evaporates. 
If the vapour is led away and cooled, it condenses to reform the liquid. 
The solid remains behind after the heating. This process is called distillation. 

If a thermometer is placed in the vapour above the boiling liquid, it will 
record the boiling point of the liquid and this can be used to identify the 


liquid. 
You will need the apparatus shown in Fig. 2.1. 


Pour green ink into a conical flask to depth of about 2 cm. To make sure that 
the liquid boils evenly, add to ittwo or three anti-bumping granules or a very 
small quantity of pumice powder. 
Set up the apparatus and heat the flask, gently at first and then more 
strongly, until the liquid boils. Do not let the ink froth too far up the flask. 
As the ink is boiling note the temperature shown by the thermometer. 
Continue boiling until you have collected liquid in the test-tube to a depth of 


Questions 


Investigation 
2.3 


Drawing-pin 


Paper strip 


Spot of 
green ink 


Solvent 


Fig. 2.2 


Questions 


Thermometer ————> 


Green ink 


Liquid 


1 What is the colour of the liquid collected in the test-tube? 
2 What is the boiling point of the liquid? 
3 What is the liquid in the ink? 


Does green ink contain more than one dye? 


Chromatography is a method of separating two or more dyes in a solution. 
It involves washing the dyes at different rates along a piece of paper with a 
suitable solvent. 


æ You will need a strip of chromatography paper which is about 3 cm longer 


than a boiling-tube and about 14 cm Wide, a cork for the boiling-tube, a 
drawing pin, a fine glass tube (a melting point tube is ideal for this) and a 
supply of a solvent containing butanol, ethanol and 2M ammonia solution, 
mixed in the proportion by volume of 3:1:1. 


Fold over the strip about 14 cm from one end and pin this flap to the bottom 
of the cork. Now, holding the cork and paper strip by the sideʻof the boiling- 
tube, cut the strip so that it is just long enough to touch the bottom of the 
tube when the cork is in the tube. 

Dip the fine glass tube into the green ink and touch it on to the paper about 
24cm from the bottom of the strip to gët a spot no more than 3 cm across, 
Add the solvent to the boiling-tube to a depth of about 1 cm and carefully 
lower the strip into the boiling-tube. The apparatus will now look like that in 
Fig. 2.2. Let the tube stand undisturbed until the liquid has risen almost to 


@ the top of the paper. 


1 How many dyes are there in green writing ink? 


Investigation 
2.4 


Questions 


Investigation 
2.5 


2 If you were given another sample of green ink, how would you find if it 
was the same sort as you have been investigating here? 

3 A spot of an orange dye and a spot of a green dye were added to a single 
strip of paper and then a solvent is allowed to run through the paper. The 
result then looks like Fig. 2.3. What does this tell you about the composition 


of the two dyes? 


Fig. 2.3 san Re 
Red — 
Yellow —— — Yellow 
Original E __ Original 
orange spot green spot 


What happens when a hot saturated solution is cooled? 


In this experiment a plastic teaspoon makes a useful measure of the amount 
of solid used to make a solution. 


Using a measuring cylinder, transfer 70 cm? of water to a beaker. Add 
potassium nitrate, a spoonful at a time, stirring the whole time with a glass 
rod and not adding another portion until the previous one has dissolved. 
Continue until a portion of the solid will not dissolve, even after stirring for 
a long time. 

Now warm andstir the mixture until the remaining solid dissolves and then 
add five more spoonfuls of potassium nitrate. Continue to warm and stir until 
this solid also dissolves. 

Pour portions of this solution into two boiling-tubes and set one of them 
on one side to cool slowly. Cool the second quickly under a running cold 
water tap. 


1 What sort of solution has been formed when no more potassium nitrate 
will dissolve in the water? 

2 What happens to the solubility of potassium nitrate as the temperature of 
the water rises? 

3 Why, therefore, does a hot concentrated solution of potassium nitrate 
deposit crystals when it is cooled? 

4 Examine the crystals formed in the two boiling-tubes. How are the two 
samples similar? How are they different? 


How can a small quantity of a soluble impurity be 
removed from soluble potassium nitrate? 


The impurity, mixed with the white potassium nitrate, is blue copper(II) 
sulphate. Although both substances are soluble in water, there could be a big 
enough difference in the quantities of each substance present in the mixture 
to allow us to separate the two substances by crystallising a solution of the 
mixture. We would then be separating them by fractional crystallisation. 


Questions 


= Put the mixture of solids into a boiling-tube to a depth of about 2 cm and 
then add about 20 cm? of water. Warm the boiling-tube in a beaker of water 
on a tripod and gauze-over a Bunsen burner. Stir the mixture with a glass 
rod or shake the tube until all the solid dissolves. 

Cool the boiling-tube in a beaker of cold water and, when it is at room 
temperature, filter off the crystals which have formed, collecting the filtrate in 
another boiling-tube. Wash the crystals in the filter paper with a small 
volume of cold water. This must be done carefully—if you do not use 
enough, you will not be able to see the true colour of the crystals, and, if you 
use too much, the crystals will all dissolve. 

When the washings have drained through the filter paper, examine 

æ carefully the crystals which remain. 


What colour and shape are the crystals in the filter paper? 

What is the substance whose crystals are in the filter paper? 

What colour is the filtrate from which the crystals were separated? 
What must the filtrate contain to give it this colour? 

Why could you not have used this method to obtain some pure potassium 
nitrate if there had been much more copper(II) sulphate than potassium 
nitrate in the original mixture? 


abwnr-- 
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2.6 
Solutions 


Most natural substances are not chemically pure (1.6) ; that is, they consist ofa mixture 
of two or more components. An everyday problem for the chemist is that of separating 
mixtures so that their individual components can be studied, or made use of, 
separately. Much of this chapter is concerned with the particular ways by which pure 
substances can be obtained from solutions. 

A solution is a special type of mixture. If salt is dissolved in water to give salt 
solution and a drop of the solution is put on a glass slide under a microscope, it is 
impossible to see any difference between the salt and the water. If, however, a mixture 
ofsalt and sand is examined under the microscope, the crystals of salt and the grains of 
sand are clearly seen and it is easy to say which is which. A solution is a mixture in which 
it is impossible to see any difference between the two parts, even under close 
examination. 

Usually a solution is made by dissolving a solid in a liquid, but whisky is a solution of, 
amongst other things, a liquid (alcohol) in another liquid (water). Brass is a solid 
solution where the two parts are both solids and where, in the mixture, one 
cannot be distinguished from the other. The part of the solution which does the 
dissolving (e.g. the water in sea water) is called the solvent. The substance which 
is dissolved is called the solute. When it is difficult to tell which component has done 
the dissolving, the one present to the larger extent is called the solvent and the one 
present to the smaller extent is then the solute. In brass, which contains 70% of 
copper and 30% of zinc, the copper is the solvent and the zinc the solute. 

The most common solutions we meet are those in which water is the solvent. Because 
of the elements in it and the way they are joined together, water has the power to 
dissolve many substances—solids, other liquids and even gases. For example, fish 
breathe in the air which is dissolved in the water in which they are swimming. Although 

avery large proportion of the surface of the Earth is covered by water, it is impossible to 
find any natural water which is chemically pure, simply because the water must have 
come into contact with something which will dissolve in it. We are able to put this 
ability of water to dissolve many substances to countless everyday uses. You have only 
to remember the difficulties which you meet at home when the-water supply is cut off, 
even for a short time, to realise how important to us is the solvent action of water. 
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2.7 
Filtration and 
evaporation 


Fig. 2.4 Evaporation of a 
solution 


Fig. 2.5 Filtration 


As we have mentioned previously, mixtures are usually separated into their 
different parts by methods involving physical changes. Since solutions are mixtures, 
they also can be separated using physical changes or methods, rather than by 
chemical changes or reactions. The most common form of solution is the one where a 
solid has been dissolved in a liquid. The solid usually has a much higher boiling point 
than the liquid and, if the solution is heated, Fig. 2.4, the liquid will evaporate and 
boil at much lower temperatures than the solid. The vapour will then escape from the 
solution and eventually all the liquid evaporates, leaving behind the solid. In this 
case the solute has been separated from the solution by evaporation, 


Evaporating 
basin 


Evaporation is an important stage in the separation of pure salt from rock salt. The 
impure salt which can be found in the form of solid rock in certain parts of the world, 
contains earthy impurities which do not dissolve in water and are said to be insoluble 
in water. The first stage of the separation is to add water to the impure salt. The salt 
dissolves in the water and the mixture is then dirty salt solution. The insoluble 
impurities are removed by the process of filtration which, in the laboratory, involves 
pouring the mixture into a filter paper in a filter funnel as in Fig, 2.5. 


Filter paper 


Dirty salt 
solution 


—— Filter funnel 


Clean salt 
solution SSS 


The filter paper has lots of fine holes through it and acts like a sieve, allowing the salt 
solution to pass through but not the insoluble impurities. The evaporating basin in 
which the clean salt solution has been collected is then heated. The water evaporates 
leaving the salt behind. 

This technique of separating two solids by dissolving one of the solids in a suitable 
solvent, filtering and then evaporating, is used in the extraction of sugar from sugar 
beet, where again the solvent is water. There are other separations where the most 
suitable solvent is not water. For example, if you wish to prepare pure crystals of 
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ig. 2.6 (a) (above) 
‘Sugar beet arriving at the 
factory 


(b) (above right) 
Evaporators used for 
removing some of the 
water from the sugar 
solution 


(c) (right) Bags of 
sugar leaving the 
production line. ( All three 
` photos courtesy British 
Sugar Corporation) 


2.8 


. Distillation 


naphthalene from an impure sample, you could dissolve the naphthalene in ethanol and 
then filter off the impurities before evaporating the ethanol to obtain the pure 
naphthalene. 

Obtaining the colouring matters from plants uses a similar process. Propanone is 
poured on to the plants, which are then crushed so that the dyes dissolve in the 
propanone. The remainder of the plant material is filtered off and the solution is 
evaporated to obtain the dyes. 


ae 


If we want to extract the solvent from the solution, the vapour of the boiling liquid can 
be led away and cooled so that it condenses. This can be done by heating the solution 
ina flask which is connected to a Liebig condenser, Fig. 2.7. The condenser has a tube 
surrounded by a wider tube, through which passes a continuous flow of cold water. 
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Fig. 2.7 Distillation of a 
solution 


29 
Fractional 
distillation 


The vapour passes into the central tube and is cooled and condensed. The solute 
remains in the flask and the solvent which drips from the end of the condenser is usually 
pure. The process of evaporating a liquid and then cooling the vapour to condense it to 
give the liquid again is called distillation. 

In distillation the solution is boiled to evaporate the solvent. A thermometer, placed 
in the vapour above the boiling liquid, gives the boiling point of the solvent. The 
boiling point can be used to identify the solvent or to check whether it is pure. 


Thermometer — Raced 


Solution 


eS 


Solvent 


The process of distillation can be used to separate mixtures of liquids where the 
temperatures at which the two liquids boil are sufficiently different. Ifsuch a mixture is 
heated, the liquid with the lower boiling point will tend to evaporate first. The liquid 
with the higher boiling point should boil off after the other liquid has all gone. In 
practice it is not as simple as this. A single distillation is rarely sufficient to separate the 
liquids and in some cases complete separation is impossible. 

Separation of liquids by distillation is particularly important in that branch of the 
chemical industry in which crude oil is converted into useful products. Crude oil is a 
mixture of many different liquids and many distillations would be required to 
separate completely even a small number of the liquids. Instead of attempting 
complete separations, the oil is distilled to produce a series of fractions. The process 
by which this is done is called fractional distillation. Each fraction contains liquids 
which boil over a certain range of temperatures. This can be demonstrated in the 
laboratory by using the apparatus in Fig. 2.8. The oil is poured on to fibre called 
rocksil, which allows the oil to be heated more evenly and reduces the risk of fire. 

As in the previous distillation, a thermometer 1s placed in the vapour to record the 
boiling point of the liquid whose vapour is passing into the condenser. The oil is 
heated, gently at first and then more strongly. The test-tube which collects the 
condensed liquid (called the distillate) is replaced by another each time the 
temperature reaches the end of one of the chosen boiling ranges. For example, the first 
test-tube will contain the fraction which bails between room temperature and 70°C 
and then the second fraction will boil between 70°C and 120°C and the third 
between 120°C and 170°C and so on. 
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Rocksil 
soaked with 
oil 


Distillate —— 


Fig. 2.8 Fractional 
distillation of crude oil 


Fig. 2.9 Copper pot-stills 
which are used to produce 
whisky in a distillery in 
Ross-shire, Scotland. ‘The 
Sermented liquid is boiled 
in the still and the spirit 
vapour passes out at the 
top and is condensed to 
Jorm whisky. (Courtesy 
The Distillers Company 
Limited) 


2.10 
Saturated 
solution 


Another important example of fractional distillation is the production of spirits such 
as whisky and gin, from a less concentrated solution of alcohol which has been 
produced by fermentation (32.5). The mixture of alcohol and water, plus all the other 
substances present which give each drink its special flavour, is distilled, but again only 
a partial separation is required. It is possible to use fractional distillation to produce an 
alcohol-water mixture containing 96% of alcohol, but this, as well as having lost the 
original flavour of the drink, is now very poisonous. The spirit is therefore usually 
concentrated until it contains about 40% to 50% by mass of alcohol. 

Both of the above examples of fractional distillation are discussed in more detail later 
in the book, 31.5 and 32.5. 


In the case of a solution of a solid in a liquid, it is not possible to go on dissolving the 
solute in the solvent indefinitely. If the solvent is at a constant temperature a a 
certain mass of solute will dissolve in a given mass of solvent. The solution ieh is 
formed when no more solute ‘will dissolve is called a saturated solution 

Often the substances which we refer to as ‘insoluble’ do dissolve very slight! but 
only a minute trace is required to produce a saturated solution. For example, 1 dim? of 
water will dissolve only 0.0014 g of silver chloride at room temperature This uantit 
ae small that, for most purposes, silver chloride is regarded as being spacluble in 

ater. 

When you state whether a substance is soluble or insoluble, it is important that you 
also name the solvent being used because some substances are insoluble in one ait 
but soluble in another. Sulphur is regarded as being insoluble in water but it is ve 
soluble in another colourless liquid, trichloroethane. x 
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2.11 
Miscible and 


immiscible 


liquids 


2.12 
Solubility and 
solubility curves 


Separating 
funnel 


Oil 


Water 


Tap 


Fig. 2.10 Separation of 
immiscible liquids 


For mixtures of liquids the terms miscible and immiscible are frequently used, 
rather than soluble and insoluble. If some alcohol is added to water, the two form one 
liquid and therefore these liquids are said to be miscible. The process of fractional 
distillation will be required to separate them. 

Ifoil or petrol is added to water, they will form a mixture which, no matter how long 
it is shaken, will always separate into two layers when allowed to stand. Water and oil 
are said to be immiscible and can be separated easily by putting them into a separating 
funnel, Fig. 2.10, which has a tap in its stem. The more dense liquid will settle to the 
bottom of the funnel and, by opening the tap, it can be run off into one container. 
When all the lower layer has been run off, the tap is closed and the first container 
removed. The remaining liquid can then be run into a second container. ` 


Ifthe mass of the solvent in a saturated solution is 100 g, the mass of the solute required 
to saturate it is called the solubility of the solute at that temperature. Usually the 
solubility of a solute in a solvent increases as the temperature is raised. This can be 
shown graphically by plotting a solubility curve, an example of which is shown in 
Fig. 2.11. 

This curve shows that the solubility of potassium nitrate in water at 60°Cis 110 g per 
100 g, while at 30°C it is only 45 g per 100 g. Ifwe had, therefore, a saturated solution 
of potassium nitrate at 60 °C, made up in 100 g of water, 110 g of the solute would 
be dissolved. If the solution was then cooled to 30 °C, only 45 g could remain in 
solution. The other 65 g of potassium nitrate has to come out of solution and this would 
be in the form of crystals. The more slowly the solution is cooled, the larger the crystals 
would be. One way of preparing crystals, therefore, is to cool a hot saturated solution of 
the substance. 

Sometimes it is necessary to separate two solutes in a solution, For example, you may 
have some sodium nitrate, contaminated with a small amount of salt. If you prepare a 
hot solution which is saturatedias far as the sodium nitrate is concerned, it is unlikely to 
be saturated as far as the salt is concerned. If this solution is cooled, crystals of sodium 
nitrate will form, while the sodium chloride remains in solution. This is the basis of the 
technique known as recrystallisation which is used for the purification of many solid 
compounds. 

If the two substances in a mixture are present in comparable amounts, they can still 
be separated by forming crystals of one of them, but this time it is more difficult to do. 
Sodium chlorate is a compound which is used as a weedkiller and in matches and is 
made by reacting a solution of sodium hydroxide with the gas, chlorine. The reaction, 
however, also forms sodium chloride as well as the sodium chlorate. A hot concentrated 
solution of the mixture would be likely to be saturated as far as both substances are 
concerned. If it was cooled, crystals of both substances would be formed. If, 
however, the solubility curves of the two compounds are examined, Fig. 2.12, the 
problem of the separation of the sodium chlorate can be solved. 

The curves show that at a temperature of about 100°C sodium chloride is much less 
soluble than sodium chlorate. If a solution containing the two is crystallised at 
about this temperature, it will be sodium chloride which forms the crystals. These can 
be removed and eventually there will be more sodium chlorate in the solution than 
sodium chloride. If the solution is now cooled to 20°C (room temperature), the crystals 
which form will be those of sodium chlorate since it is now much more concentrated. 
The method used in this case to separate the two solutes is called fractional 
crystallisation and can be employed when one of the two has a much greater 
solubility than the other at a particular temperature. 
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2.13 
Chromatography 


Filter 
paper 


Fig. 2.13 Separation of 
screened methyl orange on 


filter paper 


Temperature/"C 


Fig. 2.11 Solubility curve for potassium nitrate 


40 50 60 70 80 


Fig. 2.12 Solubility curves of sodium chlorate and 
sodium chloride 


Another method of separating two solutes in a solution uses a technique called 
chromatography. This relies on the fact that the components in a mixture can be 
washed at different speeds through a substance like paper or powdered chalk with a 
suitable solvent. È: 

It can easily be demonstrated using a solution of a green substance called screened 
methyl orange. A drop of the solution is placed on the centre of a piece of filter paper 
and allowed to soak in. The spot will have a blue ring around it, showing that 
separation has started. It can be improved by adding drops of water to the centre of 
the spot with a teat pipette, allowing each drop to soak in before the next one is added. 
When a few drops of water have been added, the paper will look like that in Fig. 2.13. 
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Fig. 2.15 Separation of 
dyes by column 
chromatography 


A better separation can be obtained with the apparatus shown in Fig. 2.14. As the 
water is drawn upwards through the paper, the dyes separate as before to give two 
separate spots on the paper. The separated components on the piece of paper is called a 
chromatogram. 

The separation of a mixture by paper chromatography takes place because the 
components of the mixture stick to the surface of the paper to different extents and 
dissolve in the solvent to different extents. If a component tends either to stick 
strongly to the paper or to be not so soluble in the solvent, it will move along the paper 
slowly (e.g. the yellow dye in methyl orange). On the other hand, if a component 
tends either not to stick so well on to the paper or to be rather soluble in the solvent, it 
will move along the paper more rapidly (e.g. the blue dye in methyl orange). 

While paper chromatography is useful for determining whether substances are 
mixtures or even identifying the substances in a mixture, it is not very suitable for 
actually obtaining samples of the components of the mixture. To do this, column 
chromatography has to be used. This was the first form of the technique to be used, 
being first described in 1916 by a Russian botanist called Tswett who was interested in 
separating the coloured substances in the leaves of plants. 

He did this by dissolving out the dyes from the plants with a suitable solvent. 
Then the solution was poured into the top of a glass tube, packed with powdered 
chalk, Fig. 2.15. The dyes were adsorbed into the first few centimetres of chalk and 
then more solvent was poured through the column. The dyes with considerable liking 
(affinity) for the chalk, or with the lower solubility in the solvent, stayed near the top 
of the column. Those with lower affinity for the chalk, or higher solubility in the 
solvent, were washed quickly through the chalk. This resulted in coloured bands 
being formed in the column. If enough solvent is added to the top of the column, each 
coloured band can be washed out of the column in turn into separate containers. 


A more recent development of the technique of chromatography uses a gas such as 
nitrogen instead ofa solvent. Instead of the paper or powder it uses a powder which has 
been coated with a very thin layer of a liquid. The liquid-coated powder is put into a 
long glass or metal tube (often 2 m long but coiled to save space). A small quantity of 
the mixture to be analysed is introduced into one end of the tube, while the gas passes 
through the tube. 

The different components of the mixture, depending on their solubilities in the layer 
of liquid, take different times to pass through the tube. A detector records when each 
component passes out of the tube. By comparing the time for each component to pass 
through the tube to the times taken by known pure substances, the components of the 
mixture can be identified. 

This technique, which is called gas-liquid chromatography, is particularly 
useful as a very small sample of the mixture (as little as 0-001 g) can be analysed (its 
components identified) in a few minutes. When the technique was introduced, 
chemists were immediately able to carry out analyses which had been previously either 
not possible or very time-consuming. Gas-liquid chromatography is now used, for 
example, in investigations in hospitals and police laboratories where a minute trace of 
blood can be analysed. It is also found in the food industry where the chemist can 
rapidly check the purity of the ingredients and in the oil industry for controlling the 
composition of products such as petrol. 
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Fig. 2.16 A gas 
chromatograph which can 
be used for analysing very 
small samples of 
substances such as blood. 
The main parts of the 
chromatograph have been 
labelled. (Photo: F. Olive) 
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Particles of substances 
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Questions 


Investigation 
3.2 


Questions 


How big are the particles making up a crystal? 


w You will need a large plastic container such as an aquarium or bucket, and a 


250 cm? measuring cylinder. 


From a bottle of potassium manganate(VIl), pick out a small crystal and add 
it to 250 cm? of water in a beaker. Stir with a glass rod until the crystal is 
dissolved. 

Now pour the solution into a large plastic container. 

Add more water from a measuring cylinder, 250 cm? ata time, stirring after 
each addition and counting the number of additions made, until the pink 
colour of the solution is only just visible. From the number of additions made, 
calculate the volume of the solution when it reaches this stage. 

We shall assume that the pink colour can just be seen when there is one 
particle in one drop of the solution and we have to find the number of drops 
in the solution where one drop contains one particle. We now know the 
volume of this solution in cm? and therefore we need to find the number of 
drops in 1 cm?. 

Fill up a burette with water and clamp it vertically in a burette stand. Run 
water from the burette until the surface of the water in it is on one of the cm® 
graduation marks. 

Set the tap of the burette so that the water is coming out of it drop by drop 
and count the number of drops which are delivered as the level falls to the 
next cm? graduation mark. This is the number of drops in 1 cm?. 

Now calculate the number of drops in the solution of potassium 
manganate(VIl); this will be the approximate number of particles in one 
crystal of the substance. 


1 Approximately how many particles were there in the crystal? 
2 Remembering the size of the crystal you started with, what is your 
estimate in mm of how big a particle in the crystal is? 


What happens when a soluble solid is left in contact 
with water? 


Into the bottom of a boiling-tube, put either the largest crystal of copper(II) 
sulphate you can find in the bottle, or a layer of small crystals. Carefully, using 
a beaker, pour water into the tube so that it forms a layer about 7 cm deep on 
top of the solid. Leave the boiling-tube undisturbed for a few days. 


What starts to happen to the solid in the boiling-tube? 

What do you see immediately above the solid in the boiling-tube? 
What happens to this as time goes by? 

What does this suggest about the particles in the solution? 

Would what you have seen take place slower or quicker if the room was 
warmer? ‘ 
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Investigation 


What i 
= at is the length of a particle of stearic acid 


(octadecanoic acid)? 


This m i 
easurement relies on the fact that, if you pour a little of a solution of 


stearic acid on to the surface oi water, it will form a layer on the water whic! 


The i 
A Or layer will be equal to its surface area multiplied by its - 
which is the length of one particle). If we know the volume of ` 


stearic acid in the layer and i 
Can measure its surface area, wi 
, We Can 
thickness of the layer and hence the length of the particle ProCA 


@ Youwilln rgi tic tray, a very fine pipe! e€, some powdere alk, a 
ill need a lai e plastic tray, a very fine pipette, d chalk, 


Add water to the tra i 
y to give a depth of i 
Sa ie tae pth of about 3 cm. Sprinkle powdered chalk 
Usin i i 
bite epen pipette, add two drops of the stearic acid solution to the 
AE Ei the tray. If the layer produced is only small, add a 
ution to the centri i i ; 
eye Sahih OE al eee ah of it. Measure the diameter of the 
tis now i 
oat omens relate many of the drops, delivered by the pipette, 
alec i upt je pipette with water and then add the water drop b ; 
all measuring cylinder, counting the number of drops reud 


5 a 
3 $ 
to raise the 7 el of water from one cm graduation mark on the cylinder to 


A speci 
olde sasha results and the calculation of the length of the particle of 
cee given later in this chapter (3.8). You can u i vb 
, to help in answering the following questions. Bad 
Questions : 
1 What is the surfac 
; e area of ti 
with the diameter you have PAN na ee ee 
A a circle is given by the formula nr?) ee s 
$ What volume of stearic acid is in 1000 cm? 
the density of stearic acid is 1 gcm-3.) 
5 Via volume of stearic acid is in 1 cm? 
; iil sala Stearic acid is in 2 (or 3) drops of your solution? 
anes alto ppt sus. layer? (Remember that the Sohume of the 
is ‘0 Its area multiplied by i i 
6 What, therefore, is the length of a particle? io fee 


7 Howmany of these articles, laid end toen e nei mi 
les, 
particles, laid end to end, would b eded to make a 
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rticl VOUIARE One of these small crystals and dissolve it į oo 
pa ès purple solution is formed. Wh i A eo 
Tee ` at there was in the crystal has now been s : a 
Spe Stes is and this is easiest to picture and understand ifw aed 
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caused the particles t 
o be spread o i 
than beore: B ut further. There is now more water between them 


of your solution? (Assume 


of your solution? 


“29: *- Ee ree ny a 


Fig. 3.1 (a) Liquids 
have no definite shape, so 
although all these pints of 
beer have the same volume, 
they take the shapes of the 
different containers. 
(Photo: Russell 
Edwards, B.Sc) 


(b) This Balloon man 
shows that gases take on the 
shape and volume of the 
container in which they are 
placed. (Photo: Russell 
Edwards B.Sc) 


(c) This sculpture made 
from old cog-wheels shows 
that solids have fixed shapes 
as well as fixed volumes (at 
constant temperature). 
(Photo: Russell 
Edwards, B.Sc) 


Ifour idea about the crystal consisting of particles is correct, then how big are these 


rough idea can be obtained by pouring the solution of potassium 
astic aquarium will do nicely for this) and then 
adding measured volumes of water until, after stirring, the pink colour of the solution 
can only just be seen. Now the particles must be really spread out, yet there must beat 
least one particle in each drop of the solution for its colour still to be visible. Usually the 


colour given to its solution by 

almost invisible when the cryst: 

Each cm’ of water consists of about 20 drops (you can use 

wish) and therefore, if there is at least one potassium manganate(V 
i \ 


particles? A very 
manganate(VTI) into a large tank (a pl 


a small crystal of potassium manganate(VII) will be 
al is dissolved in about 15 dm? of water (15000 cm’). 
a burette to check this, ifyou 
II) particle in each 


drop, there must be at least 300.000 barticles in the 15 dm? of solution. All these 


particles must have come from the single crystal and therefore there must have been at 
least 300 000 particles in that crystal, which was no more than 1 mm long. Clearly the 
particles must be very small indeed. 
In the case of potassium manganate(VII) the fact that the compound could be 
‘spread out’ by dissolving it in water, suggests that the crystal consists of partic The 
same idea can be applied to other crystalline solids which dissolve in water. 
Unlike solids, liquids do not have fixed shapes. Ifyou spill a glass of water on a flat 
ie water will change its shape and form a thin layer on the surface of the 
table. Again, as with a solid, this is best understood if it is assumed that water is made 
up of particles. The particles are able to move in all directions so that when the water is 
spilt, it changes shape, but the total volume of the liquid remains constant. Similarly, if 
a liquid is poured from a glass into a cup, it will change shape but its volume will not 
change. In contrast, a piece of s¢ slid will keep both its volume and its shape when placed 
in a different container. 
Gases are similar to liquids in that they change shape and are therefore likely to 
r, gases do behave differently in some ways and these 
about the particles. Ethoxyethane is the liquid often 
known as ether (it was one of the first anaesthetics to be used) and it evaporates easily 
to form its vapour which is a gas. Ifyou open a bottle of ethoxyethane in one corner of 
your laboratory, it won’t be long before someone, sitting in another corner, notices 
the smell of the vapour. This shows that some of the gas has travelled quickly from 
one corner of the room to the other and the particles must therefore be moving very 


2i a ag Cae 
aem. Bo. weg 


table top, tł 


consist of particles. Howeve 
differences can tell us more 


| Fig. 3.2 Diffusion of 
bromine vapour 


quickly. The same sort of behaviour is shown by other gases, which leads us to 
conclude that all gases are likely to consist of Particles which are constantly moving 
with high speeds. The smell of the gas can eventually be detected in all cofners of the 
room. This shows that the particles of the gas are moving in all directions and are only 
restricted by the boundaries of the container—in this example the room. Thus there 
is a difference between a liquid and a gas. The total space taken up by a liquid does 
not alter when the liquid changes shape whereas, when a gas has been released and 
has filled a container, its volume will have increased to the volume of the container. 

If the particles of a gas are moving with high speeds, they will have high energies, 
even if the particles are heavy. If a small volume of the deep red liquid, bromine, is 
poured into a gas jar and a second gas jar is then inverted over the first, as in Fig. 3.2, 
traces of reddish-brown bromine vapour soon appear in the upper jar. Within a 
short time, there is as much vapour in the upper jar as in the lower. We now know that 
bromine particles have a relative mass of 1 60 (about five times the mass of those in air) 
and we might expect them to be held in the lower jar by the large force of gravity on 
them. Such are their energies at room temperature, however, that their speeds are still 
high enough to carry them against gravity into the upper jar. This spontaneous 
movement of a gas to fill up all the available space is called diffusion. 


Bromine vapour 


Ar and air 


Bromine 
vapour 


Bromine vapour 
and air 


The speeds of gas particles can be calculated. Oxygen particles, when the gas is at 
room temperature, move at about 1000 miles per hour, while for hydrogen, whose 
particles are lighter, the speed is about 3600 miles per hour. It is interesting to compare 
these speeds with that of a supersonic aeroplane like Concorde, which can fly at 1350 
miles per hour. 

The fact that the speeds of gas particles depend on their masses (when compared at 
the same temperature), can be shown by another diffusion experiment. When 
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Fig. 3.3 Diffusion of 
ammonia and hydrogen 
chloride 


Fig. 3.4 Diffusion of 


hydrogen and carbon 
dioxide 
Hydrogen 
Porous 
pot 


i i articles, The 
ammonia particles move more quickly than the hydrogen Brug perce Rone 
mass of an ammonia particle is almost half that of a hydrogen c Bee pace a nee 
the investigation indicates that lighter particles move more quickly than 


White 
fumes 
s Glass 
Glass A M j <— rod 
rod 
| i Cotton wool 
Cotton woo! soaked in 
soaked in concentrated 
neat hydrochloric acid 
solution 


Further evidence about the speed of the particles depending on their manoi 
rovided by an experiment, using the apparatus shown in Fig. 3.4. IDe We ae e 
Bo pot have fine holes in them, so that gases can pass slowly en tac re 
iqui is or 
S tains a coloured liquid and is a manometer, used 
i a N If the porous pot is held upside down, as in (a), and ity 
boat EAC GOW arid containing hydrogen (which is less dense than air), is is wa : 
thelevel of the coloured liquid in arm B of the rama e HE roe ie 
i inside the porous pot than outside it. The p: 
is a greater pressure inside the p S e ER E RRAN 
ight, while those in air, which was originally in th abou 
fit ie i hatter The hydrogen particles move much quicker than the sehen’ r 
‘valid will therefore get into the porous pot faster than the air Sage ae getou > 
few seconds after the beaker has been put over the che pon Serai a mye ea 
twi . 
inside the pot than at the start and the pressure inside i 
sake uha down the liquid in arm A and up in arm B of the manometer. 


Carbon 
dioxide 


Porous 
RO syet (o) 


(a) : 


i i i i d a beaker of carbon 
t in Fig. 3.4 is the right way up (as in (b)) and a b 
di ss ATE, at up, is held round it, the level of liquid in arm A of = 
OTAR goes up. The carbon dioxide particles have masses Abana 1} ee o! 
aah This time the air will diffuse 
i i the pot and therefore move more slowly. s 
E ian dioxide gets in and there will be less gas and less pressure in 
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3.5 

How close 
together are the 
particles? 


3.6 

The movement 
of particles and 
the effect of 
temperature 


Fig. 3.5 Brownian motion 


Microscope roc 


Light ——______,_ 


movement of liquid parti 
phenylamine (aniline) is poured into a test-tube and th 
ethoxyethane (ether) is poured on to; 
If the test-tube is now corked and 
gradually become mixed until a u 
diffusion of these liquids is faster 
conclude that the particles move fas 


the pot than at the start. The atmosphere outside the a i 
he | : i aratus will th 
liquid down in arm B of the manometer and up in arm X ee 


One ofthe most obvious differences between a gas and the other two states of matter is a 
difference in density. The densities of a substance in: the three states gives us a 
clue about how close together the particles of that substance are packed in each state 
For example, the density of water is 1-00 g cm™ at 4°C, the density ofice is almost the 
same, 0:97 g cm~®, whereas the density of steam at 110°C is about 0-0006 g cm. The 


particles in steam must therefore be widely separated whi in i 
ereas those in ice and w: 
must be more closely packed. ie 


Gases 
Another thing which decides how fast the particles of 
oe gg experiments with bromine and with 
shown in Fig. 3.2 and Fig. 3.3, are done on a hot day, the eff i 
than on a cold day. The particles of the gases move faites UE E 
= ie ee ee speed of fee molecules is 461 metres per second (1021 miles per 
ea it has risen to metres per i si 
to 539 metres per second (1194 miles ee ste SiC pees AS 
Liquids 
In 1827 Robert Brown, a botanist, while examining pollen grains in water under a 
microscope, noticed that the grains were not stationary but moved about in a zig-za 
manner over small distances (Fig. 3.5). This behaviour is now called Brownian ped 
and can be observed with a number of materials such as chalk, magnesium oxide 
graphite and even toothpaste when they are suspended in a liquid such as water. It 
provides direct evidence that the particles of a liquid are constantly movin; The 
grains of the solid move because they are hit by the particles of the liquid Thee ains 
are being bombarded by these particles on all sides the whole time, but REDAS a 


grain will be hit by a lot more particles on one side than it wi 
be on the oth 
move. This is why the movements are haphazard. Se a 


Path of individual 
pollen grain 
viewed through 
microscope 


gas particles will show itself by the diffusion of the gas, the 
icles can give rise to-the diffusion of liquids. If some 
st-tube en, with great care, a little 
p of this liquid, the two will form separate layers. 
left undisturbed for some time, the two layers 
niform mixture is obtained. As with gases, the 
at a higher temperature and we can therefore 
ter when the liquids are warmer. 


a gas move is its temperature. If 
ammonia and hydrogen chloride, 


Suspension 
of pollen 
in water 


Just as the movement of 


3.7 
Changes of state 


Fig. 3.6 The attractive 
forces which hold the 
particles of water on the 
surface together (surface 
tension) prevent these 
needles from sinking. 
(Photo: Russell 
Edwards, B.Sc) 


Solids 
We have now decided that the particles in a gas and in a liquid are constantly 
moving—do those in a solid move in the same way? Before we can answer this 
question, we must pause to think again about the differences between solids and the 
other two states of matter. Solids are much stronger than liquids and gases. It takes a 
karate expert to drive his hand through a wooden plank, but anyone can drive their 
hand through air or water. Also, as previously mentioned, solids unlike liquids and 
gases do not readily change shape. 

These properties of solids suggest that the forces between the particles in a solid are 
able to hold the particles in fixed positions. This means that the particles in a solid are 
not able to move from place to place within the solid. Nevertheless there is some 
movement. The particles do vibrate within the solid. There can be some stretches and 
contractions within the particle itself. As the solid becomes hotter, the speeds of these 
movements become greater and, in the case of the vibrations, not only will they 
become faster but they will take up more room. This is why the solid ‘takes up more 
room’, or expands, when it is heated. 

On rare occasions we can sce the diffusion of solid materials. A blackboard, on which 
something has been written in chalk, is hard to clean if the writing is left on the board 
over a school holiday. This is probably due to the diffusion of the chalk into the surface 
of the blackboard. If two different metals are bound tightly together and left for a long 
time, it is possible to detect traces of one metal in the surface of the other. Again the 
process of diffusion is evidence for some sort of movement of the particles in the two 
solids which enables particles of one to cross over to the other. 


When a solid is heated, it usually melts to form a liquid at a particular temperature. 
As the heating of the solid takes place, the vibrations of the particles increase, but the 
forces between the particles are still strong enough to hold the particles together. 
Eventually, however, a point is reached where the vibrations become so great that the 
particles can no longer be held in position. by the forces of attraction. They start to 
move and it is just as though the solid is being shaken to pieces. When the particles are 
able to move around within the substance a liquid has been formed. The temperature 
at which the vibrations become just too great for the forces of attraction to hold the 
particles in position is the melting point of the solid. 

If a liquid is heated, it will begin to boil at some temperature which depends on 
what the liquid is. As the liquid is heated, its particles rush about with increasing 
speed within the liquid. The liquid behaves as if it has, like rice pudding or custard, a 
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3.8 
How big are the 
particles? 


Fig. 3.7 Layer of stearic 
acid 


skin over its surface (caused by the particles at the surface attracting each other— 


surface tension). If a particle is going to escape, it must break through the skin. Ifa _ 


tugby player is trying to get over his Opponents’ try line and has in front of him 
enough defenders to stop him, his only chance is to run as fast as he can in the hope 
that his momentum might carry him through. In the same way, only when the 
particles of a liquid are moving fast enough can they break through the surface skin or 
‘defence’ of the liquid and so escape. The boiling point of the liquid is the 
temperature at which all the particles are moving fast enough to escape in this way. 
When they have escaped, they will be further apart than in the liquid, with almost no 
forces holding them together. The liquid will have formed a gas, which is the vapour 
of the substance. 

When the vapour is cooled, its particles slow down, so that forces between them can 
start to pull them together to form the liquid again. When the liquid is cooled further, 
the slowing down continues and the forces can really take over to pull the Particles into 
an orderly arrangement which is the solid. 


We have already seen that the particles in a crystal are very small, but exactly how big 
are they? What is the mass of a particle and what is its length? Stearic acid 
(octadecanoic acid) is a substance whose compounds are found in beef fat and whose 
Particles are comparatively heavy. As will be seen in Chapter 4, we now know that 
6 x 10 particles of this substance have a mass of 284 g, and therefore the mass of one 
particle is 4-7 x 10-22? g or 0-000 000 000 000 000 000 000 47 g. If you remember that 
one gram is about 1/1000th of the mass ofa bag ofsugar, you will realise how very small 
is the mass of a stearic acid particle. 

Stearic acid is one substance with which we can do quite a simple experiment to find 
an approximate value for the length`of the particle. When a small volume of this 
substance is added to water ina tray, it will spread out as far as possible over the surface 
of the liquid forming a layer which will be just one particle thick. The volume of the 
layer will be equal to its surface area multiplied by its thickness (i.e. the length of 
one particle) (Fig. 3.7). If we know the volume of stearic acid added to the water and 
can determine the area of the layer, the length of a particle can be calculated. 


Diameter of 
the layer 


Thickness of the 
layer (length of — 
one particle) 


Usually the experiment is done in a large tray or bowl with a fine powder on the 
surface of the water so that the boundary of the layer can be easily seen and its diameter 
measured. A very small volume of stearic acid, even less than a normal-sized drop, will 
give a big layer when spread out to one particle thick. For this reason it is usually 
made into a solution in a volatile solvent called light petroleum. Light petroleum 
evaporates very quickly from the thin layer, leaving only stearic acid. A small number 
of drops of the solution will contain sufficient stearic acid to leave a reasonably-sized 
layer after the light petroleum has evaporated. 

The layer is produced by adding the solution to the water with a dropping pipette. 


The volume of the solution added can be calculated, as described below, from the 
number of drops added. ; 
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3.9 


The following are the sort of results which would be obtained in this experiment. 


Mass of stearic acid in 1000 cm? of solution = ere a 
Density of stearic acid ' = ae on 
Volume of stearic acid in 1000 cm? of solution = cm 


This is very nearly equal to 0-1 cm’. 


Two drops of this solution were found to be spread out into a circular layer with a 
diameter of 8 cm and therefore a radius of 4 cm. ! 
1 cm? of the solution of stearic acid was found to contain 20 drops. 


Area of the layer = z x (radius)? = 2 x 4? = E ih ; 
Volume of stearic acid making up the layer = 7000 * 20 

= 10-5 cm? 
Volume of the layer = area of the layer x thickness of the layer (Fig. 3.7) 

volume 

Length of one particle = thickness of the layer CAES 

_ 10> 

at 


= 2 x 107 cm 
or 2 millionths of a millimetre. 


i to say that this is very small indeed. If similar experiments could 
emalio H dates we should find that their particles are also about 
haart is a lot of other evidence, in addition to that discussed in this chapter, ha 
indicates that everything in the world is made up of very small particles, The Perae es 
which make up a particular substance might be atoms, molecules or Se > ra 
chapters you will find out which substances contain which type of particle and whai 
the differences are between the three types of particles. 


1, All substances, whether solids, liquids or gases, consist of very small and very light’ 
ti l 5 . . 
2 These pani are spread out when the substance dissolves in a solvent or 
; evaporates. The spontaneous spreading out of the particles of a gas or a liquid is 
lled diffusion. y 
3 The, sued are constantly moving. Ina gas the particles move from place to place 
and fill the container. In a liquid the particles move from place to place within the 
liquid. In a solid they vibrate about fixed positions. i 
4. The speed of movement depends on the mass of the particles and on the 
; temperature of the substance. The lighter the particles, the faster do they move. 
The higher the temperature of the substance, the faster do the particles move. 
5. The low densities of gases, compared to those o/ liquids and solids, indicate that the 
i icles in a gas are widely spaced. i i 
6. Scat of attraction between the particles and the closer the particles, the 
tive are these forces. i 
7 seri solid Bi the vibrations of the particles overcome the forces holding them 
d the particles become disordered. ‘ | 
8. E EE boils, the particles are moving with sufficient speed to break through 
the surface skin of the liquid and so escape and form a gas in which the particles are 


well separated. : 
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Chapter 4 


Investigation 
4.1 


Questions 


Investigation 
re y4 


Question 


Questions 


Cotton 


Solution A 


Solution B 
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Chemical combination and amounts 
of substances 


Is there any change in the total mass when a chemical 
reaction occurs? 


The following pairs of solutions are suitable for this experiment. When they 
are mixed there are obvious signs that chemical reactions have occurred. 
There is no need at this stage to know what the products of the reactions are. 


A B 
copper(II) sulphate and sodium carbonate 
lead(II) nitrate and sodium chloride 
barium chloride and sodium sulphate 


æ You will need a conical flask with a rubber bung to fit, and an ignition-tube 
with a small length of cotton attached to it. 


Place a small quantity of solution B in the conical flask and half fill the 
ignition-tube with solution A. Suspend the ignition-tube inside the conical 
flask by means of the cotton as shown in Fig. 4.1 and put the bung in the 
flask. 

Make sure the outside of the flask is dry and then weigh the flask and its 
contents. 


Tilt the flask so that the solutions mix and shake it gently. Now weigh the 
@ flask and its contents again, 


1 What evidence is there that a chemical reaction has occurred? 
2 Why isa bung kept in the flask? 
3 Is there any change in the total mass? 


Using some small objects to weigh some larger objects 


Your teacher will provide a collection of objects (such as screws or coins of 
different sizes, or blocks of different sizes (made from wood or centicubes). 


Weigh one of the largest objects. Then find out how many of the smallest 


objects need to be placed on the balance pan to give almost the same reading 
as obtained withthe large object. 


1 If a small object is given a relative mass of 1 unit, what would be the 
relative mass of the large object in these units? 


œ Repeat the procedure with the other objects and in each case find the relative 
“= mass of each object on this new scale. 


2 Ifasimilar procedure was adopted for atoms of elements, what would be 
the obvious element to choose as the standard with a relative mass of 1 unit? 
3 Why would you choose this element? 


Investigation 
4.3 


Question 


Investigation 
4.4 


Fig. 4.2 Removing oxygen 
from copper oxide 


soto pin ten 
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Counting a set of objects by finding their total mass 


Aes ` d 

Your teacher will provide one opaque bag Net EEE e 
ining different numbers of la t 

three opaque bags containing t ee 

the large objects has approximately twice the mass of a small object 

Weigh each bag and estimate the numbers of objects in each of the three 

bags containing the larger objects. 


i cium 
Bromine atoms have twice the mass of calcium atoms. 40g pra! 
contain approximately 6 x 10% atoms of calcium. What mass of bro 


i ? 
would contain the same number of bromine atoms ¢ 


What are the combining masses of copper and oxygen 
in black copper oxide? 


The gas which is used for Bunsen burners will remove the oxygen fom he 
copper oxide and leave a residue of copper.” The combining Seer neg 
from the experiment may be used to find the empirical formula of blaci 


copper oxide. 


You will need the apparatus shown in Fig. 4.2. The hard glass test-tube has a 
small hole in the closed end. 


Black 
copper oxide 


Q 


Natural gas ——>- 


| 


Heat 


Weigh the tube empty and then with about two spatula measures of pure dry 
black copper oxide placed halfway down the tube as shown. 


Clamp the tube and connect it to the gas supply, taking care not to disturb _ 


he copper oxide. 
$ Papane stream of gas through the tube, and when you are sure that all 


the air has been swept from the tube (needs about 10 seconds), light the ae 
as it comes out of the small hole, taking care to keep your face well bac! 
from the hole. Adjust the gas pressure so that the flame is ree 3 emnon 

i i f the copper oxide with a small non- 

Heat the test-tube in the region o! t 
luminous flame until all of the copper oxide appears to have been changed to 
g . n , 
roses heating the tube but keep the gas passing until the tube is cool. Then 
igh the tube and its contents. ; 

sale ou have time, connect the tube to the gas supply again and reheat the 
solid for 5 minutes. Allow the tube to cool with the gas passing over the solid 


in thi i i first passing the gas 
s icii I gas in this reaction can be improved by 
Pablngpinotantot bt cotton wool soaked in alcohol, but your teacher may 


prefer to demonstrate this. 


Questions 


Investigation 
4.5 = 
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and then teweigh the tube. Continue this 
weighings are the same. 

Make a table of your results 

e and calculate the ma 

of hae in your sample of copper oxide. cima 
Best Laide relative atomic masses of copper and oxygen in the Data 
sei nd use them to calculate the number of moles of copper and oxygen 

your sample. Convert these numbers to the simplest ratio and honea fa 


the empirical formula for bla i 
e ck copper oxide. 
@ will help you with this calculation. é oe Me 


procedure until two consecutive 


1 Whyis it necessary to ki i 3 
are cold? ary to keep passing the gas until the tube and its contents 


2 Whywill your result be more accurate if 


until a constant mass is obtained? RO er eae Po procedure 


What are the combini i 
oxygen in heinien oxid rae aie Naa ag 


Ak AARE.: 
a aild te of magnesium is converted to magnesium oxide by carefully 
sone deo ae then the mass of the Magnesium oxide is found. The 
paca Hon G from the experiment may be used to calculate the 
lagnesium oxide. You wi i i i 
RE HAN AEEA K will need a crucible and lid, a pair 


Itisr lecessary to work with considerable care and skill in this experimentin 


© Weigh the crucible and lid. P 
t 1 > . Place about 30 cm of clea i 
magnesium ribbon into the crucible, replace the lid and ona ge 


Place the crucible on a pipeclay triangle on a tri od and heat it gent! 
g! pi it gently at 


palatal a 


Bacal Crucible 


ribbon 
Pipeclay triangle 


| 


Heat 


Every two or three minutes it is 
crucible. This is done by 
lid for a very short ti 
smoke to escape. 

When the reaotion appears t 
weigh the crucible, lid and oe 

Make a table of your results and 
combined with your known mass 

Look up the relative atomic ma 
Section and use them to calcula’ 


necessary to allow more air 

i to enter the 

y prance the Bunsen burner and lifting the crucible 
a pair of tongs, taking care not to allow any 


allow the crucible to cool and 


calculate the mass of ox i 
sr E ygen which has 


æ% calculation. 


Questions 1 How could you check that all the magnesium has reacted? 
2 What is the most likely source of error in this experiment? 
Investigation What are the combining masses of zinc and iodine? 


4.6 Zinc and iodine react together in the presence of alcohol. In this experimenta 
known mass of iodine is reacted with excess zinc of known mass. 
The mass of zinc reacting is found by recovering the unreacted zinc and 
subtracting its mass from the original mass of zinc. 


æ You will need a hard glass test-tube, preferably one which: will fit a 
centrifuge. 


Weigh the test-tube. Put about 0-5 g of zinc powder into the tube and 
reweigh it. \ 

Add about 1-0 g of iodine (taking care not to allow it to touch your hands) 
and again reweigh the test-tube. 

Although the mass of the zinc present is less than that of the iodine, the 
zinc is in excess as far as the numbers of atoms present are concerned. 

Stand the test-tube in a rack and slowly, drop by drop, add about 2 cm? of 
alcohol. When the reaction between zinc and iodine appears to have slowed 
down, shake the tube until the brown-yellow colour of the iodine 
disappears. z 

Centrifuge the mixture or allow itto stand until the excess zinc settles. Pour 
off the liquid from above the zinc. This liquid is a solution of the product of 
the reaction (zinc iodide) in alcohol. 

Wash the residue of zinc by shaking with about 0:5 cm? of alcohol. 
Centrifuge or allow to stand and then pour off the alcohol. 

Dry the zinc by laying the tube on a gauze which has been previously 
heated. Keep the Bunsen flame away from the mouth of the test-tube as 
alcohol is flammable. When the zinc is dry, reweigh the tube and zinc. 

Make a list of your results and calculate the mass of zinc which has reacted 
with the mass of iodine which you used. 

Look up the relative atomic masses of zinc and iodine in the Data Section 
and use them to calculate the numbers of moles of zinc and iodine reacting in 
your experiment. Convert these numbers to the simplest ratio and hence find 
the empirical formula of zinc iodide. If you need help with this calculation, 

@ refer to the worked examples (4.11). 


What can be deduced from the fact that there is some zinc left when all of the 
iodine colour has disappeared? 


a O SE SM A a ones ete eae 


Question 


4.7 By the end of the eighteenth century, scientists recognised the differences between 
elements and compounds and naturally they became interested in finding out more 
about what was happening when two elements combined to form a compound. One 
way of beginning this investigation was to find out how much of one element combined 
with a certain mass of another element. 

A scientist who made an important contribution to this work was Joseph Louis 
Proust. In 1799 he found that 100 gof calcium carbonate, whether it was in the form of 
chalk or marble, always contained 40 g of calcium, 12 g of ¢arbon and 48 g of oxygen. 
In a similar manner Investigation 4.4 would enable you to find the mass of oxygen 
which combines with a particular mass of copper. You should always find that 64 g of 
copper combines with 16 g of oxygen, whatever the source of the copper oxide. 
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Fig. 4.4 John Dalton 
(1766-1844). Fhis 
portrait shows, on the 
table, his drawings of 
symbols for atoms. 
(Courtesy The Science 
Museum) 


\ 


From results of experiments such as these i 
is made, the mass of one element combini 
always the same. In other words compo 
mass, 


This pattern of behaviour is known as the Law of Constant Composition 
(sometimes called the Law of Definite Proportions). Having accepted this fact, 


scientists tried to think of reasons why compounds should have constant compositions. 
In 1808 John Dalton suggested the theory that all elements consist of very small 


t became obvious that, however a compound 
ng with a certain mass of another element is 
unds always have the same composition by 


particles for which he used the name atoms (derived from the Greek word alomos 
meaning indivisible), He said that all the atoms of each particular element are 
identical in all respects inc luding mass. He was then able to explain the Law of 
Constant Composition by saying that when two elements combine to form a 


compound, the 
hence the ratio 
constant. 


atoms of the elements must alwa 


ys combine in fixed proportions and 
of the mass of one element to t 


he mass of the other will always be 


of element B, each with a mass 
B, then the compound formed wi 
always being present in the Proportions 4:2b by mass. 

The explanation Proposed by Dalton is known as Dalton’s Atomic Theory. 
Although it has been shown in more recent years that all the atoms of an element are 
, the picture of the atoms of two elements 


atoms are formed. After the i 
and hence the total mass is 
law. 

An understanding of this law should provide 
looking at a common chemical reaction which 
when a piece of coal or wood burns it is combi: 
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you with what may be a new way of 
you must have seen many times. Thatis, 
ning with the oxygen part of the air and 


4.8 
Multiple 
proportions 


Fig. 4.5 Removing oxygen 


from two oxides of lead 


49 1 
Relative atomic 
masses 


ears to leave little else other than a small amount of ash. Howen you ee 
find the total mass of the ash plus all the soot, smoke and gas Pee E ee ee 
equal to the mass of the coal or wood plus the mass of the oxygen used. Hen 
i been no change in the total mass during the reaction. 


i ble to 
Dalton also put forward the idea that the atoms of some ae E ee 
combine in two or more definite proportions, for rain j ae ele reli 
i i S elements which combine tog ; 
case, it ought to be possible to find some 1 hea 
eae one A Artou by mass, but one of the proportions would always be a simp 


i lly 2 or 3 times) the other. j bef i 
HE ioler different conditions lead and oxygen combine to form three 


different oxides, one being yellow, one being dark brown and one red. T ne PE 
be removed from samples of these oxides by passing hydrogen or natural gas ov : 
heated oxides in an apparatus such as that shown in Fig. 4.5. 


Brown Yellow 
lead lead 


oxide oxide D 


Hydrogen ———>- 


| 


Heat Heat 


The following are the results of such an analysis of two of the oxides: 


Yellow oxide Brown oxide 


Mass of boat empty = 4-82 g lave g 
Mass of boat + lead oxide = 10:34 g gaa g 
Mass of boat + lead = 995 g std 8 
Mass of the lead oxide = 5:52 g Ai g 
Mass of lead in the oxide = pa g Aaa g 
Mass of oxygen in the oxide = 039g g 


In the yellow oxide: ; f 
13g of lead combined with 0-39 g of oxygen 
that is, 1 g of lead combined with 0-076 g of oxygen. 
In the brown oxide: s 4 Hig 
4-83 g of lead combined with 0:76 g of oxygen 
that is, 1 g of lead combined with 0-157 g of oxygen T oh ANAT k 
i asses of oxygen combining with | g o ‘lead in o 
HF peer BARAN which within the limits of experimental error is 
oxides are 


Thi a pe of behaviour in which two elements combine in two or more fixed 
is pa! 


portions which are simple multiples of each other is known as the Law of Multiple 
proj 


Proportions. 


very substance in the Vi i more 0! e elements. The 
E bst. in the Universe is made from one or t l 

1; 1 1 i f th T 
i tigations in Chapter 3 indicated that in compounds the elements are combined 
investiga’ 


together to form very small particles. 
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l atom of sulphur is 32 times as hea y as | atom of hydro; en and hence the rel ative 
V, gi 

l atom of iron is 56 times as heavy as 1 atom of hydrogen and enc e relativ: 
y ydrogi hence the r lative 


ydrog > 10us choice as a 
Hydro en, being the element with atoms of the smallest mass, is the obvious ch Ci 

e ob’ 
standard with which to compare the masses of atoms of other elements 


adequate. 


Chemists think of chemical reactions between elem i 
«of ch e ents in terms 
Sa ambing in ees simple whole number ratio. Thus ites han 
a : lasses O substances reacting together, are more inter st d i h 
pomp T eps involved in reactions. The fact that atoms are SO ve R al 8 
au one Sea fr dh heed 
5 ves about 14000000 000 000 000 000 000 


atoms. This is a similar idea to file r bei 
re w sheets) rather than io BARINI sae, idee are ao 
e number of atoms chosen for a mole ofa subs èi 
* . t i 
relative atomic mass (expressed in grams) of Lydall Mano of: atoms in one 
ie standard this should be 12 g of carbon-12.) i eRe eing the 
e relative atomic mass of hydrogen i f i 
ce the mole, is the aont af aN Ereg gen woe esearanl 
miran as there are atoms in 1 g of hydrogen (or 12 Taa Th 
ete Se ee 600 000 000 000 000 000 000 000 which mo 12). This 
Ta a x so Itis called the Avogadro constant after the nin e aay 
emist Amadeo Avogadro whose important work sigs roa edge 
Chapter 5. Tees ae in 


* 1C is the most common isotope of carbon (13.5). 
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Fig. 4.6 A bank cashier 
counts coins by weighing 
them. In a similar manner 
a chemist counts atoms by 
weighing substances. 
(Courtesy Midland Bank 
Limited) 


m 


Thus | mole of hydrogen atoms has a mass of | g and contains 6 x 10% atoms. The 
mass of oxygen containing 6 x 10% atoms of oxygen must be 16 times larger as each 
oxygen atom is 16 times as heavy as each hydrogen atom. Therefore 1 mole of oxygen 
atoms has a mass of 16 g which is in fact the relative atomic mass of oxygen expressed in 
grams. Similarly, the relative atomic mass (expressed in grams) of iron is 56 g and this 
amount of iron must contain the same number of atoms of iron as | g of hydrogen 
contains atoms of hydrogen, as each atom of iron is 56 times as heavy as each atom of 
hydrogen. By applying similar arguments to all elements it can be seen that | relative 
atomic mass (expressed in grams) of any element must contain 6 x 10% atoms of that 
element and is therefore | mole of that element. 

You can check your understanding of the relationship between the mass of a 
substance and the number of moles by attempting the problems in Exercises | and 2 


(p. 384). 


It is quicker for a cashier in a bank to find out the number of coins in a bag by finding 
the mass of the coins, rather than by emptying the coins out and counting them. For 
example, ifa bag containing 2p coins has a mass of about 360 g then the bag contains 
50 coins. The mass of a 1p coin is about half that of a 2p coin and therefore for a bag to 
contain 50 Ip coins it must have a mass of about 180 g. 


i 
In a similar manner, using the knowledge that 1 relative atomic mass ofany element 
expressed in grams contains the same number of atoms, it is possible to count atoms by 


finding the mass of the element. However, as explained earlier, because of the large 
e used rather than actual numbers, 


of this method of counting atoms. 


numbers involved, it is easier if moles of atom: 
The following example illustrates the usefulness 


Example: The results of an experiment to find the combining masses of magnesium 
and oxygen were: 
6 g of magnesium combined with 4 g of oxygen to form magnesium oxide. 


The number of moles of atoms of each element taking part in the reaction is found by 
dividing the masses reacting by the mass of 1 mole of each element (that is, by the 
relative atomic mass of each element, which for magnesium is 24 and for oxygen is 16). 


i ‘ : 4 
moles of magnesium atoms combined with G moles of oxygen atoms or 


4 


Njo 


A A ; 1 
moles of magnesium atoms combine with rl moles of oxygen atoms or 


e= 


1 mole of magnesium atoms combine with 1 mole of oxygen atoms. 


As compounds have a constant composition by mass, we can conclude from this result 
that magnesium and oxygen will always combine to form the compound magnesium 


oxide in the ratio of 1 mole of magnesium atoms to 1 mole of oxygen atoms, which in 
turn means that they must be combining in the ratio of 1 atom of magnesium to | atom 
of oxygen. This useful information is usually written down in a shorthand form known 
as the formula of the compound. Thus the formula of magnesium oxide is MgO where 


Mg is the symbol for magnesium and represents 1 mole of atoms (or 1 atom) of the 
element, 


and O is the symbol for oxygen and represents 1 mole of atoms (or 1 atom) of the 
element. 


MgO is the simplest formula which gives the ratio of the number of atoms of each 
element combining to form the compound and is known as the empirical formula of 
the compound. 

In water the ratio ofhydrogen atoms to oxygen atoms in the empirical formula is 2: 1 
and the formula, as you probably know, is written as H,O. 

A list of the symbols used for the elements is given in the Data Section. The general 
rules for the construction of formulae from these symbols are given in Chapter 7 but 
another example of the determination of an empirical formula of a compound from 
experimental results is the following. 

Example: In an experiment to find the combining masses of mercury and chlorine, 
4:00 g of the compound of mercury and chlorine were found to contain 2:95 g of 
mercury. ’ 

Therefore the mass of chlorine in the compound = 4-00 — 2:95 g = 1-05 g. 
That is, 2-95 g of mercury combine with 1-05 g of chlorine. 

The relative atomic mass of mercury is 201 and that of chlorine is 35-5. Therefore, 
Z moles of mercury atoms combine with = moles of chlorine atoms. That is, 


0:0147 moles of atoms of mercury combine with 0:0296 moles of atoms of chlorine. 


To obtain this mole ratio in its simplest form it is necessary to divide both numbers by 
the smallest number, That is, 


0:0147 0:0296 
0:0147 0-0147 


1-00 mole of atoms combines with 2:01 moles of atoms. 


This result indicates that mercury and chlorine combine in the ratio of 1 atom of 
mercury to 2:01 atoms of chlorine, but the atomic theory requires that atoms only 
combine in whole numbers and hence the ratio must beile2: 

The symbol for mercury is Hg and that for chlorine is Cl and the empirical formula 
for the compound of mercury and chlorine is therefore HgCl,. 


Further problems on the determination of empirical formulae can be found in 
Exercise 3, p. 384. 


. Compounds have a fixed composition by mass and this is due to atoms of the 
elements present combining in fixed whole number proportions. 

. Actual masses of atoms are very small and therefore relative atomic masses are used. 

. Weare interested in the numbers of particles involved in reactions, but as atoms are 
so very small, the numbers of particles involved in reactions are very large, and 
hence we use the mole as the unit amount of substance containing approximately 


6 x 10% particles (the same number of particles as there are atoms in 12g of 
carbon— 12). 


4. The empirical formula of a com 
the number of moles (and henc 


wr 


pound is that which represents the simplest ratio of 
e atoms) of the elements present in the compound. 


36 


Chapter 5 


5.1 
Physical 

behaviour of 
gases 


Pressure acting on 
trapped air = 
(atmospheric + h) mmHg 


Fig. 5.1 Investigating the 
effect of changing the 
pressure on the volume of a 
fixed mass of air 


What can we learn from the behaviour of 
gases? 


ee ee abar AREE A 


Many gases are different from each other in very obvious ways: u pr SR 
part of air (oxygen) supports combustion whereas the aaye pary Sao pi ed 
not. Some gases are coloured, chlorine for example being pa green. a a aE 
hydrogen, are explosively flammable, some such as S n mono» : 
poisonous, and some such as hydrogen sulphide are very sme He E 

Despite all these obvious differences, gases do have some ares iets m i 
example, ifa gas is heated, it es a seat hay and ifa gas is subj 

it contracts (its volume decreases). t 
j A eeg RANS ae observations such as these, La A a the change 
more closely to see if there were any recognisable patterns in meway t ae oE babe 
Robert Boyle in 1662 trapped some air in a J-tubeas in Fig. 5.1. He yanen t n pr ; air 
by either increasing or decreasing the amount of mercury in ety ae me 
when the pressure was doubled, int NEEE H oh gas approximately halved, a 
ssure was halved the volume doubled. A 

yia e Y was more interesting was that when the Sen en wi dace 
using other gases, their pressures and volumes varied dn the RE KO A a 
experimental results gave rise to a law which describes this poy yehavi a 
gases, even though the gases have different chemical Pastas be A E E 

A relationship in which one variable decreases tegularty a y othe ae A 
regularly, is called an inverse relationship. Boyles Law states that the pre peep 
fixed mass of gas at a constant temperature is inversely proportio: 
piirre Jacques Charles carried the investigation a stage Aui RA pict a 
pressure constant and seeing what effect changes in temperature had on se ie ri p 
a gas. He found in this case that there is a direct relationship between ite poe 4 es, 
that is, as one variable increases regularly the other also increases regularly. Char! es 
Law states that the volume of a fixed mass of gas at a ee presses is 
directly proportional to the temperature measured on the Kelvin scale. 


Fig. 5.2 Variation of 
volume of a gas with 
temperature (it is 
necessary to extrapolate the 
graph below the 
temperature at which the 
gas changes into a liquid) 


Volume/m* 


Temperature/°C 
Fo y 100 200 300 
Z -100 25 |0 25 
-273 A7 200 i re ie 
0 7 173 248 273 298 373 473 573 
Temperature/K 
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ry as 


5.2 


Kinetic theory of 
gases 


The Kelvin scale is that which takes as its zero the temperature which is often 
referred to as the absolute zero. When a gas is cooled, its volume decreases and ifit does 
not change into a liquid or solid, we can predict that it would have zero volume at a 
temperature of — 273° Celsius which is 273 degrees below the freezing point of water, 
0°C. Fig. 5.2 shows how, if the volume-temperature graph is extrapolated back until 
the volume is zero, the temperature would be —273°C. The temperature on the 
Celsius scale is given above the horizontal axis and the equivalent on the Kelvin scale is 
given below the axis. It can be seen from this graph that temperature on the Kelvin 
scale = temperature in °C +273. 

For example, 


0°C = 273K, 
25°C = 298 K 
and —25°C = 248 K 


A third gas law, which is not usually attributed to a particular scientist, describes the 
variation of pressure with temperature when the volume is kept constant and therefore 
is sometimes known as the Constant Volume Law. The lawstates that the pressure 
of a fixed mass of gas at a constant volume is directly proportional to its 
temperature measured on the Kelvin scale, 

Really accurate experimental work does reveal that gases do not obey the laws 
exactly over large ranges of temperature and pressure, but nevertheless the fact that 


gases with widely differing Properties all approximately obey the laws requires some 
explanation. 


In Chapter 3 the differences between gases and the other physical states of matter, 
solids and liquids, were explained by the theory that they consist of particles. In gases 
the particles are well separated from each other and are moving around at high 
speeds in all directions within the boundaries of the container. It was also pointed out 
that the speeds of the molecules increase with temperature. This theory, because it is 
concerned with the motion of the particles, is known as the Kinetic Theory of 
Gases. It can be used to explain the changes in pressure of a gas which result from 
changes in its volume and temperature. 

The theory assumes that the pressure exerted by a gas on the walls of its container is 
due to the force exerted by the particles when they collide with the walls. Changes in 


the pressure, which are described more Precisely by the gas laws, can be explained 
as follows. ie 


When the volume ofa gas is decreased (at constant temperature), the Particles have 
less space to move around in, therefore there will be more collisions with the walls of 
the container and the pressure exerted by the gas will increase. 


When the temperature of a gas is increased (at constant volume), the speeds of the 
molecules increase, hence the number of collisions with the walls and the force 


exerted by each collision will increase and so the pressure exerted by the gas will 
increase, 


Thus the theory is able to ex 


plain the obseryed changes in pressure with volume and 
temperature. 
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5.3 

Calculations 
involving the gas 
laws 


i ctivel 
ent ‘proportional to’ and p, V and T to represent respe ly 


pines oan y be written in mathematical 


pressure, volume and temperature, the three gas laws ma 
terms as follows: 
l1 for a constant mass at a constant 


Boyle's ibaw PETN temperature 
VaT for a constant mass at a constant 
Charles’ Law (a O 


Constant Volume Law p œ T fora constant mass at a constant volume 


In each case, œ can be replaced by an equals sign and a constant (kı, ke and kg). 
> 


p= 4 or pV = k, 


J 
V=kT or ve ky 


p =k,T or Pak, 


5 4 alte the 
These three equations can be incorporated into one equation which is known as 
Combined Gas Equation. 


pV = nstant 
T a col a ; 
isi ing T be a constant and including it in the 
k that this is correct by first letting a col u ling 
ihe am right-hand side. The resulting equation is Boyle’s Law. ae | the 
ethes two laws can be obtained by first PA p ama ae si ae 
ined fe f the gas laws is particularly use 
ete PEREN Koal a at different temperatures and r EE 
ifa g i d pressure p}, the volu 
i s a volume V, at temperature T, and p i 
rk jit 2 ranre T: sie pressure p, can be represented by V, and in each case, 


pv = a constant 


ii 
V = PV: 
Thus, Err = a constant = T; 
PıVı — P2Ve 
or T, i 


in scale, but 
As mentioned earlier, temperature must always be measured on the Kelvin i 


ic uni ssure is 
the units used for volume and pressure can vary. The es ah mei cena 
o 
ere one Pascal means a pressure N : 
th riper ie dr Frequently it will be more convenient $ ke aare mia ned 
a : Hg) which indicate the height of a 

ample mm of mercury (mmHg c c oimn 
fost anit he pressure would support. Occasionally it may bemor a on 
x soe alk heres, when, for example, a pressure of 10 atmos wee ri were E 
A eni than the normal atmospheric pressure. Detai i ol oy ike 
iol ity given in dm3 or cm3, Whatever units are selected for g e es 

i i i ion. 

vale they must be used on both sides of the Combined Gas Equa! 
VI 


i is designing a 

that the process for which he is s g 
‘ gai gas, measured at 500 kPa and 150°C during 
tore the gas at a pressure of 100 kPa and a 


Example: A chemical enginee 
chemical plant will produce 2000 d 
every hour of operation. He wants to s 
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>, 


my 


temperature of 30°C. What volume would the gas occupy at this ñew preæsurejand 5.5 Joseph Louis Gay-Lussac, who was a professor of chemistry in Paris, investigated the 
temperature? Combining volumes of gases taking part in cassa, peachoni Kapping How ee pen 
= 500 kP. = 100 kPa um changed with temperature and pressure, he compared the volum ; 
V = 2000 dm? V. is unknown yol eadi gana measured at the same temperature and pressure. Fig. 5.4 shows a modern apparatus 
ae 50 = we = which can be used to investigate the reaction between nitrogen monoxide and 
T, = 273 + 150 = 423 K T = 273 + 30 = 303 K ducea product 
dl Gar eens oxygen. These two gases react on contact at room temperature to produce a p. 
Substituting into the Combined Gas Equation: which occupies a smaller volume. 
piva = PaVa Fig. 5.4 Reacting volumes hree Way iaa, 
T, 2 bra: ; 
of nitrogen monoxide and 
500 x 2000 _ 100 x V, oxygen 
77423 ee 
y, = 200 x 2000 x 303 
oo ax 100 
= 7163 dm? 
Ni Oxygen 
The gas would occupy 7163 dm? at the new temperature and pressure. ena 
Further problems of this type are given in Exercise 16, p. 387. 

One syringe contains 50 eae monoxide aon the ped terse eae 
oxygen. The oxygen is pushed into the nitrogen monoxide in 5 cm? portions and af 
aie: addition, the total volume of gas in both syringes is recorded. As the reaction 

5.4 Clearly there is little point in recording volumes of gases unless the temperature and proceeds the total volume decreases until the reaction is complete. i 
Standard pressure at which they were measured is known. Similarly, it is pointless comparing Typical results are given in the graph, Fig. 5.5, which shows that the reaction Is 
temperature and volumes occupied by gases unless they are all measured at the same temperature and complete when approximately 25 cm? of oxygen have been added to the 50 cm? of 
pressure pressure. When the volumes have been measured at different temperatures and nitrogen monoxide. Provided a little time has been allowed for the gases to cool anter 
pressures, the combined gas equation can be used to calculate what the volumes would each addition, all of the volumes will have been measured at the same temperature 
be at the same temperature and pressure. Any temperature and pressure could be and pressure. 
selected, but it is more sensible if most people tend to use the same temperature and 100 
pressure when comparing volumes of gases. For this reason, volumes of gases are ‘ 
often quoted for a standard temperature and pressure (s.t.p.). The standards Fig. 5.5 Reaction of 95 
which have been selected are; nitrogen monoxide with 
as i oxygen 90 
standard temperature = 273 K (0°C, the freezing point of water) 
standard pressure = 101 kPa (760 mmHg, the normal atmospheric 85 L 
pressure) $, 
¢ E 
Example: In an experiment to compare the densities of gases at s.t.p. the mass of tate 
1000 cm? of carbon dioxide was found at 22°C and 768 mmHg. What volume would È 75 
this mass of gas occupy at s.t.p.? Ş 
Pı = 768 mmHg Pa = 760 mmHg g 70} 
V, = 1000 cm? V, is unknown Ke 
Tı = 273 + 22 = 295K T, = 273K 65+ 
Substituting into the Combined Gas Equation: 60} 
PaVi PaVa 55 | 
T, T, 
EF r 50 AN pee a 
Fig I Gan 768 x 1000 _ 760 x V, 05 10 15 20 25 30 35 40 45 50 
Lussac (1778-1850) | 295 273 Volume of oxygen added/em? 
who did some important 768 x 1 73 : i 3 7 x > > 
experiments on ti V: = 05 a on ete Twice as much nitrogen monoxide as oxygen reacts and therefore the result can be 
combining volumes of 93 ‘i expressed in the following way: 
gases. (Courtesy Palais de = 935 cm nitrogen monoxide +: oxygen -> products 
la Découverte, Paris) The carbon dioxide would occupy 935 cm? at s.t.p. 2 volumes 1 volume 
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5.6 


Avogadro’s 
hypothesis 


5.7 
Predicting 
combining 
volumes 


Results which could be obtained for some of the reactions investigated by Gay- 
Lussac, expressed in the same way, are: 


hydrogen + oxygen —> steam 
2 vol 1 vol 2 vol 


hydrogen + chlorine —> hydrogen chloride 
1 vol 1 vol 2 vol 


Gay-Lussac described his experimental results in the law which states that the 
volumes of gases which react together and the volumes of the products, if 
they are gases, are in simple whole number ratios to one another, all the 
volumes having been measured at, or converted to, the same temperature 
and pressure. 

The remarkable thing is that it is always approximately a small whole number ratio. 
Clearly, the next problem facing the scientists of that time was to develop a theory 
which would account for this experimental fact. As with the laws of Boyle and Charles, 
it seemed likely that the explanation would rely on the idea that gases consist of 
particles, but in this case it would be the numbers of particles which would be 
important. 


It was a hypothesis put forward by an Italian scientist, Amadeo Avogadro, in 1811 
which eventually provided the answer to the problem. He suggested that some 
elements, instead of being made up of individual separate atoms of the element, 
actually exist as larger particles each of which contains a small number of atoms of the 
element combined together. He called these larger particles molecules. This led him 
to put forward his hypothesis in which he stated that: equal volumes of all gases at 
the same temperature and pressure contain equal numbers of molecules. 

This hypothesis, which is now known to be a fact, is more appropriately referred to 
as Avogadro’s Law. 

It was not until almost fifty years later (1858) that the full significance of the 
hypothesis was realised by another Italian, Stanislao Cannizzaro. If we apply it to 
Gay-Lussac’s results we can see how it provides an explanation. 


hydrogen chlorine hydrogen chloride 
1 vol 1 vol 2 vol 
Applying Avogadro's Law, 


n molecules n molecules 2n molecules 


of hydrogen + ofchlorine 7 of hydrogen chloride 
or l molecule + 1 molecule — 2 molecules 
and molecule + molecule — 1 molecule 


Ifone molecule of hydrogen and 1 molecule of chlorine each contain an even number 
of atoms, then it is possible to have half of a molecule of each element without 
contradicting Dalton’s Atomic Theory. Thus Avogadro’s Law enables the experimen- 
tal results of Gay-Lussac to be linked to the theory of Dalton. Except for the 
group of elements known as the noble gases (e.g. helium, neon and argon) most of the 
gaseous elements are diatomic, that is, there are two atoms of the element in each 
molecule. 


Avogadro’s Law (5.6) enables experimental results of combining volumes to be 
explained in terms of the numbers of molecules of each gas taking part in the 
reaction. The numbers of molecules can be written in the form of an equation. For 
example, the observation that 1 volume of hydrogen combines with 1 volume 
of chlorine to form 2 volumes of hydrogen chloride can be explained by the 
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5.8 
Relative 
molecular 
masses 


equation (7.8): 
H, (g) + Cl, (g) > 2HCl(g) 

It is sometimes useful to do the reverse of this. That is, if the equation is known, it can 
be used to predict the volumes of the gases which would take part in the reaction. For 
example, when natural gas (methane, CH, ) burns in a good supply of oxygen, the 
balanced equation for the reaction is: 

CH, (g) + 20, (g) > CO, (g) + 2H,0(1) 
This equation indicates that the number of molecules of oxygen taking part in the 
reaction will always be twice the number of molecules of methane. 

Avogadro’s Law states that equal volumes of gases contain the same number of 
molecules, This means that equal numbers of molecules will occupy equal volumes 
(at the same temperature and pressure). Therefore, the volume of oxygen taking part 
in the burning of methane will always be twice the volume of methane used. That is, 
25 cm? of methane will need 50 cm? of oxygen if it is to burn according to the above 
equation. 


Example: Predict the volume of oxygen which will be needed to burn completely 
15 dm? of propane (C,H,). What volume of carbon dioxide will be formed? 
The equation for the reaction is: 


C,H, (g) + 50,(g) > 3CO,(g) + 4H,0(1) 


This means 1 vol + 5 vol > 3 vol 


The | vol of propane is 15dm*, therefore the volume of oxygen needed «is 
5 x 15 = 75 dm’, and the volume of carbon dioxide formed is 3 x 15 = 45 dm”. 

You can check your understanding of this method of predicting the volumes of 
gases involved in reactions by trying the problems in Exercise 17, p. 387. 


Because, as Avogadro stated, equal volumes of gases at the same temperature and 
pressure contain equal numbers of molecules, the ratio of the masses of equal volumes is 
equal to the ratio of the molecular masses of the gases. That is, 


mass of | vol. of gas A mass of n molecules of gas A 


mass of an equal vol. of gas B ~~ mass of n molecules of gas B a 
mass of | molecule of gas A 


mass of | molecule of gas B 
Therefore, by comparing the masses of equal volumes of gases (which is the same as 
comparing densities), it is possible to compare the molecular masses of gases. 
Relative atomic masses were obtained originally by comparison with hydrogen 
whose relative atomic mass was given a value of 1 (4.9). It is possible to calculate the 
relative molecular mass of a gas on the hydrogen scale by comparing the mass of a 
volume of the gas to the mass of an equal volume of hydrogen. In 1858 Cannizzaro. 


used Avogadro’s hypothesis to reason this out. This is shown in the following steps: 
mass of | vol. of gas mass of n molecules of gas 


mass of equal vol. of} hydrogen 


mass of n molecules of hydrogen 


mass of | molecule of gas 


mass of | molecule of hydrogen 


But | molecule of hydrogen contains 2 atoms, 
mass of | molecule of gas 


mass of 2 atoms of hydrogen 


mass of 1 vol. of gas mass of | molecule of gas 


mass of equal vol. hydrogen mass of | atom of hydrogen 


= relative molecular mass of the gas 
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5.9 
Numbers of 
molecules 


mass of | vol. of gas 


The is known as the Relative Vapour Density of 


mass of equal vol. of hydrogen 


the gas, which means the density of the gas compared with that of hydrogen at the 


same temperature and pressure. 
The more usual way of writing the above relationship is: 
the relative molecular mass of a gas = 2 x its relative vapour density. 


Hence the link made by Avogadro between volumes of gases and numbers of molecules 
has provided a method for calculating the relative molecular mass of a gas from its 
relative vapour density. If higher temperatures are used, the method may also be used 
to find the relative molecular masses of volatile liquids (liquids which easily change toa 
vapour on heating). 


In the previous section we saw that the ratio of the masses of equal volumes of two gases 
(at the same temperature and pressure) must always be equal to the ratio of the relative 
molecular masses of the gases. In the case of hydrogen and chlorine, which have 
relative molecular masses of 2 and 71 respectively, 


mass of | vol. of hydrogen + mass of n molecules of hydrogen 


~~ mass of l vol. of chlorine mass of n molecules of chlorine 


ik 
71 
If we actually use 2 g of hydrogen and 71 g of chlorine, that is their relative molecular 
masses expressed in grams, then these masses will also occupy equal volumes and the 
equal volumes will contain equal numbers of molecules. This number is approximately 
6 x 108 which as previously mentioned in 4.10 is called the Avogadro constant. 
The amount of gas (its relative molecular mass expressed in grams) which contains 
this number of molecules is referred to as 1 mole of molecules of the gas. 

The volume occupied by | mole of a gas is called the molar volume and when 
measured at s.t.p., it is very nearly 22-4 dm‘. 

This relationship provides an alternative method of finding the relative molecular 
mass of a gas or volatile liquid. 


Example: Propanone is a liquid at room temperature but its boiling point (56°C) is ! 


very low and so it is easy to convert it to a gas and to measure the volume occupied by a 
certain mass of the gas. When 0-165 g of propanone was injected into a heated glass 
syringe, the gas produced was found to occupy 85:0 cm? when measured at 100°C and 
758 mmHg pressure. 

Substituting into the Combined Gas Equation to find the volume the gas would 
occupy if it could be measured at s.t.p.: 


758 x 85:0 _ 760 x V; 
373 ETA EE 
Va = 62:0cm? 
0:165 g of propanone vapour would occupy 62:0 cm? at s.t.p. 
1 cm? of propanone vapour at s.t.p. would have a mass of os 8- 
But 1 mole of any gas occupies 22 400 cm? at s.t.p. 
22.400 cm? of propanone vapour at s.t.p. would have a mass of £165 x 22400 g 
= 596g 
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5.10 
Molecular 
formulae 


5.11 


Hence the value obtained for the relative molecular mass of propanone is 59.6. As 
explained in 7.13, the molar volume of gases may also be used to calculate the volumes 
of gases involved in chemical reactions. 


The combining masses of the elements which form a compound can be used to 
calculate the empirical formula (4.11) of the compound. This formula gives the 
simplest ratio of the number of atoms of each element present in the compound. Some 
compounds exist in the form of molecules and the molecular formula of such a 
compound gives the number of atoms of each element present in a molecule. This 
may or may not be the same as the empirical formula of the compound. The following 
example shows how the relative molecular mass of a compound can be used to find the 
molecular formula for the compound when its empirical formula is known. 


Example: Analysis of the compound called benzene shows that it contains carbon and 
hydrogen in the ratio of | mole of carbon atoms to 1 mole of hydrogen atoms and hence 
its empirical formula is CH. The relative vapour density of benzene is approximately 
39 and so its relative molecular mass is approximately 78. 

The relative atomic masses of carbon and hydrogen are 12 and | respectively. The 
molecular formula of benzene could not be CH as this would give a relative molecular 
mass of 13. The molecular formula must be C,H, which, without changing the 
empirical formula from CH, gives a relative molecular mass of 78. ; 

The fact that the value for the relative molecular mass found from relative vapour 
density measurements is only approximate does not matter as it is only necessary to 
decide which whole number multiple of the empirical formula is required. 

Alternatively the relative molecular mass could have been calculated from the 
molar volume, as in the previous section, rather than from the relative vapour density. 
The example in the previous section gave a value of 59-6 for the relative molecular 
mass of the compound called propanone. The empirical formula of the compound is 
C,H,O. If the molecular formula of the compound is C,H,0, its relative molecular 
mass would be (3 x 12) + (6 x 1) + (16) = 58 which is very close to the value of 59-6 
and therefore C,H,O must alsó be the molecular formula of the compound. 

Further examples of the types of problems explained in 5.9 and 5.10 are given 
in Exercise 18, p. 387. 


1. Boyle’s Law, Charles’ Law and the Constant Volume Law are examples of how 
gases, even though they may appear to be very different, do have some similar 
physical properties. 

2. The three gas laws can be combined into a more convenient form: 

PVı _ PV: 


T, T, 

3. Standard temperature and pressure, $.t.p., are 273 K and 101 kPa (760 mmHg). 

4. Gay-Lussac’s experimental law of combining volumes was eventually explained by 
a hypothesis put forward by Avogadro. 

5. Avogadro’s hypothesis also led to a method for calculating relative molecular 
masses of gases and volatile liquids from their relative vapour densities. 

6. The relative molecular mass of a gas, expressed in grams, is 1 mole of molecules of 
the gas and occupies 22-4dm* at s.t.p. It contains approximately 6 x 10% 
molecules. 

7. The relative molecular mass of a compound can be used to obtain its molecular 
formula from its empirical formula. 
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Chapter 6 
What can we learn about substances] simiman ELEMENT coxpucror NON-CONDUCTOR 
by passing electricity through them oxygen () 
a nitrogen (l) 
$ chlorine (1) 
bromine (1) 
Wh phosphorus (s) 
| Investigati sodium (s 
| on Whi me E otassium (s 
i 6.1 ch pure elements conduct electricity? P Lie (1) 
HN In order to test i 
| | eni ie petor a substance is a conductor or non-conductor 6 
| BE Sis hac seme paethe Pyoetance i a circuit with a source 0 Investigation Which pure compounds conduct electricity? 
; 5 i ill also need some means of ing 
when a current is flowing through the circuit; a bulb or an K Plier G The compounds will either be in liquid or powder (small crystals) form and 
Suitable for this, so in this case it is better to connect them to the circuit by means of two 
ey, $ : carbon rods called electrodes which are attached to the free ends of the two 
inetthed te vt ne battery, a 6 volt bulb in a holder (or other suitable wires. 
clips; and EH nee bulb), some connecting wires fitted with crocodile You will need the apparatus used in Investigation 6.1 plus two carbon 
copper, lead, sul sta ni (not powder) of each of the following elements: electrodes and a selection of compounds such as sodium chloride, 
ee cape paulo econ anuiceroon <p rapiiite): copper(I!) sulphate, lead (t1) bromide, potassium iodide, pure water, alcohol 
Connect up the circuit as in Fi i ana sugar: 
g. 6.1 which shows th i 
have one free end. Test the conductance of each zwaarte ores oag (a) Connect up the circuit as in Fig. 6.2, using about 1cm depth of each 
them between the two free wires. Record which elem Dy connecting compound in a small beaker test its conductance. It would be wasteful to 
æ conductors and which appear not to be. ence 00d throw away the samples of some of these compounds, so be very careful not 
to contaminate them. 
Fig. 6.1 - Fig. 6.2 
jattery 
Light Electrodes 
bulb 
Compound 
ae It could be argued that a fairer test of the solid compounds would be to use 
a solid lump of the compound rather than the powder. If there is one 
available, test the conductance of a large crystal of copper(I!) sulphate. 
Questions S à i; $ 
(b) Heat the lead(I!) bromide, either ina small beaker on a tripod and gauze, 
or in a boiling tube supported by a clamp and stand, until it melts. TAKE 
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1 Excluding graphite, to whi 
, to wl 
hepa p! hich class of elements do all of the conductors 
7 i n g ee for you to test the conductance of many-elements because 
er gases at room temperature (e i 

5 .g. Oxygen, nitrogen and 
Sorne), fe mey are too dangerous (e.g. bromine, phosphorus, odid 
ea E mercury). Table 6.1 shows the results which are obtaine d 

e elements, using the liquid forms of the gases as this is a fairer tes 


py naiyau results (but again excluding graphite) and the results in Table 
.1, decide to which class of elements the non-conductors belong 
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LTEN LEAD(II) BROMIDE DOES NOT COME 


GREAT CARE THAT THE MO 
CAUSE A VERY PAINFUL 


INTO CONTACT WITH YOUR SKIN—IT WILL 


BURN. 


Test the conductance of the molten lead(Il) bromide by dipping the 


carbon electrodes into it (Fig. 6.3). The cold electrodes may cause some of 
the liquid to solidify, so keep heating it for a short while until you are sure that 
it is all molten. Then watch the, bulb and allow the lead(Il) bromide to cool 


@ until itis solid again. 


Questions 


Investigation 


Question 


Question 
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Positive 
electrode 


Negative 
electrode 


Lead(II) bromide 


| 


Heat 


Your teacher may demonstrate to you whether a similar result is obtained for 
some other molten compounds, for example, lead(Il) iodide, potassium 
iodide and lead(II) chloride. 


1 Itappears that compounds in the solid state never conductelectricity, but 
when in the liquid state, some compounds do conduct electricity and some 
do not. Thinking back to what you know about the differences between 
solids and liquids, what happens to the particles of a solid when it changes to 
a liquid? 

2 All compounds contain at least two elements. Examine the names of 
those compounds which conduct electricity when molten and decide to 
which classes of elements the components of these compounds belong. 


Which compounds conduct electricity when th 
dissolved in water? a 


In this experiment you are going to test the conductance of mixtures of 
compounds which, on their own at room temperature, do not conduct 
electricity, 


œ You will need, in addition to the apparatus used in Investigation 6.2, either 
samples of the following compounds from which you can make aqueous 
solutions, or Previously prepared solutions of the compounds sodium 
chloride, copper(I!) sulphate, potassium iodide, alcohol and sugar. 

(a) Connect up the same Circuit as in Fig.6.2 and test the conductance of 
each aqueous solution, 


By examining the names of the compounds which do conduct electricity 
when dissolved in water, decide to which two classes of elements the 
components of these compounds belong. 


œ (b) Repeat the experiment using dilute solutions of sulphuric acid, 
hydrochloric acid and nitric acid. (It is too dangerous for you to test the 
conductance of these compounds when pure, or for you to make up your 

æ own aqueous solutions of them.) 


Which element is Present in all acids? 


Fig. 6.4 


Questions 
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In which direction do the particles in potassium 
manganate( VII) move when a direct electric current is 
passed through a solution of the compound? 


The manganate(VI!) part of the compound is purple in colour, whereas the 
potassium does not contribute to the colour of the compound. 

Rather than make up a solution of potassium manganate (VI!) and then 
pass a current through it, a crystal of the compound is placed on a piece = 
damp filter paper. In this way it is possible to see what happens to the purple 
part when the compound dissolves in the water on the filter paper and comes 
under the influence of the electric current. 


æ You will need two microscope slides, two strips of filter paper cut to the exact 


size of the slides, and a 20 volt source of direct current. 


Moisten the filter papers with tap water and place one on each slide. Place 
one crystal of potassium manganate (V11) on the centre of each piece of filter 
ee one piece of filter paper by means of crocodile clips to the source 
of direct current (Fig. 6.4), but do not switch on the power until all of the 
connections have been made. After checking that the microscope slide is 
horizontal, switch on the power supply and adjust it to 20 volt d.c. 

Leave the current passing for about 5 minutes and after this time compare 
what has happened to the purple manganate(VI!) part of the compound on 


each slide. 


20V 


Filter paper and 
microscope slide 


1 Is the manganate(VIl) part of the compound positively or negatively 

charged? ; 

2 Overall the compound is neutral, therefore, is the charge on the 
5 : is ive? 

potassium part likely to be positive or negative Ea i 

3 The potassium particles are colourless and so it is not possible to see 

them move, but towards which-lectrode would you expect them to move? 

4 Predict which part of the sodium chloride is likely to be positively 

charged and which negatively charged. Towards which electrode would you 

expect the sodium and chloride parts to move when a direct current is passed 

through a solution of the compound? 


Investigation 
6.5 
Fig. 6.5 

Rheostat 


Copper 
electrodes 


Copper(II) 


sulphate 
solution 
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How much copper and silver are prod J i 

1 yer produced by pass 
a known quantity ofelectricity through a soletan ofa 
copper compound and a solution of a silver com- 
pound? 


Electricity is the flow of charge through a substance. The quantity of charge 


(and hence electricity) which passes through a conductor is measured in 
coulombs where: 


number of coulombs = current in amperes x time in seconds (6.8) 


When a direct current is passed through aqueous solutions of copper(I!) 
sulphate and silver nitrate with copper and silver electrodes respectively, in 
each case the metal passes into solution at the positive electrode (the anodo 
and is deposited at the negative electrode (the cathode). Thus, by weighing 
the cathodes before and after passing the current, it is Sine to find the 
masses of the two metals which have been deposited. 

Also, if the two solutions are connected in series in the circuit, Fig. 6.5, the 


same current and hence the same quantity of electrici i 
$ ctricity will 
both solutions. ah 


Ammeter 


Silver 
electrodes 


Silver 
nitrate 
solution 


g A ` 
You will need a 6 volt battery or alternative source of electric current, a 


D a aneen approximately 0:05M solutions of copper(I!) 
e and silver nitrate and two copper electrod i 
ERA pp! odes and two silver 
As the masses of copper and silver deposited are small, it is necessary to 
work very carefully so that experimental errors are kept to a minimum. 


Connect up the circuit as shown in Fig. 6.5, but do not dip the electrodesinto 
the solutions. Weigh each cathode after checking that it is clean and dry. 
Place the electrodes into the solutions, make a note of the time and quickly 
shah current Aeron of the rheostat so that it is 100 milliamperes 
e current at this value for about 30 to 40 minutes. R ime 
when the current is stopped. — 
; sei wales the cathodes and wash them by gently dipping them into 
eaker of distilled water and then into another beaker of pr: 
I 'opanone. When 
they are dry, weigh each cathode. EE 
The silver in particular tends to fall off the cathode. If this does occur, 


Questions 


collect thë pieces by filtering and then after washing and drying find their 
mass and add it to the increase in mass of the silver cathode. 

Calculate the quantity of electricity passed in coulombs and the mass of 
copper and the mass of silver deposited. 

Chemists are more interested in numbers of particles involved in reactions 
(4.10) rather than masses. Look up the relative atomic masses of copper and 
silver in the Data Section and use them to calculate the number of moles of 
copper atoms and silver atoms deposited by this quantity of electricity. 

Then calculate the quantity of electricity which is required to discharge 
neutralise 1 mole of copper ions to form 1 mole of copper atoms and the 
quantity of electricity required to neutralise 1 mole of silver ions to form 1 

æ mole of silver atoms. 


1 Which ion, the copper or the silver, requires the more electricity to 
neutralise it? Therefore, which of the ions has the greater charge? 

2 The charges on the copper and silver ions are in a small whole number 
ratio to one another. Examine your results and deduce what this ratio is. (This 
will only be possible if you have obtained reasonably accurate results.) 
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6.6 
Conductors and 
non-conductors 


In our homes we are all familiar with substances which conduct electricity 

(conductors) and substances which do not conduct electricity (non-conductors or 

insulators). For example, the flex leading to a reading lamp or a television has metal 

wires inside which conduct electricity and a plastic covering which does not conduct 
electricity. 

Investigations 6.1, 6.2 and 6.3 use a battery as a safe low-voltage supply of direct 
current for testing the conductance of various substances. A small bulb is used to 
indicate whether or not the substance being tested conducts electricity. Several 
patterns emerge from investigations such as these. 

1. All metals conduct electricity and all non-metals, except carbon in the form of 
graphite, are non-conductors. 

2. Compounds in the solid state do not conduct electricity. 

3. Some compounds in the liquid state do conduct electricity, e.g. lead(II) bromide, 
lead(II) iodide, sodium chloride. All of these compounds have both a metallic part 
and a non-metallic part. 

4. Some compounds when mixed with water conduct electricity, e.g. aqueous 
solutions of sulphuric acid, hydrochloric acid, sodium chloride, copper(II) 
sulphate, potassium iodide and sodium hydroxide. All of these compounds except 
the acids have both a metallic part and a non-metallic part. All acids contain 
hydrogen and another non-metallic part. 


Conduction in metals and in graphite is due to the movement of very small charged 
particles called electrons. Electrons and the part they play in conduction are discussed 


in more detail in Chapters .19 and 20. This chapter is concerned mostly with the 


conduction of electricity through compounds and what we can learn from this about 
the composition of these compounds. 

The patterns listed in the previous section indicate that compounds only conduct 
when they are in the liquid form and, if “they are soluble, when they are in aqueous 
solution. This suggests that conduction only occurs when the compounds are in a 


mobile form. 
Investigation 6.4 shows that the purple part of potassium manganate(VIT) 
(permanganate) moves towards the positive terminal of the electricity supply. 
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Fig. 6.6 The conduction 
of electricity by 
copper(II) chromate( VI) 
solution 


Further evidence for conduction involving the movement of particles is provided 
by passing a current through copper(II) chromate(VI) solution. A supply of direct 
electric current is connected by means of two carbon rods (called electrodes) to a 
solution of copper(II) chromate(VI), in dilute sulphuric acid, in a U-tube, Fig. 6.6. 
The solution conducts electricity and the original green colour of the copper(II) 
chromate(VI) solution changes. Around the negative electrode the solution becomes 
blue and around the positive electrode it becomes yellow. 

This shows that one part of the copper(II) chromate(VI) is moving towards the 
positive electrode and, as this is blue, it is likely to be the copper. Another part of the 
copper(II) chromate(VI) is moving towards the positive electrode and, as this is 
yellow, it is likely to be the chromate. Thus copper(II) chromate(VI) consists of a 
Positive part, copper, which is attracted to the negative electrode and a negative part, 
chromate, which is attracted towards the positive electrode. 


Positive electrode Negative electrode 


Copper(II) chromate(VI) 
solution 


_ When a direct electric current is passed through molten lead (II) bromide (see 
Fig. 6.3), a small globule of lead is seen to collect under the negative electrode and 
faint brownish fumes of bromine are given off near the positive electrode. Again this 
provides evidence that a compound which conducts electricity has a positive part, in 
this case lead, and a negative part, in this-case bromine. i 

It can be concluded that conduction by a compound depends on the presence of 
positively and negatively charged particles (that is, particles which are attracted to 
the negative and positive electrodes respectively) and the freedom of movement of 
the charged particles. This means that if a substance does not conduct electricity, 
then either it does not contain charged particles or the particles are unable to move. 

When the elements lead and bromine are not combined with other elements, they 
are not charged. The atoms of lead and bromine are said to be neutral. Bromine exists 
as pei Poema B6) rather than single atoms, and the molecules are also 

neutral. The c forms of thes i i 
P sara celts e elements which are present in the compound 
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6.8 
Quantity of 
electricity 


6.9 
Neutralisation of 
ions 


When a direct electric current is passed through molten lead (II) bromide, positively 
charged lead ions are attracted to the negative electrode where they are converted to 
neutral lead atoms, and negatively charged bromide ions are attracted to the positive 
electrode where they are converted into neutral bromine molecules. During this 
process the ions of lead and bromine have lost their charge and therefore have been 
neutralised. The next section is concerned with the guantity of electricity which is 
required to discharge or neutralise ions. 


An electric current is the movement of charge through a conductor. In the case of 
metals and graphite the charge is carried by electrons. In the case of compounds the 
charge is carried by ions. The quantity of electricity passing through a substance is thus 
the quantity of charge passing through it. 

Charge is measured in units called coulombs, but it is normal to measure the flow of 
electricity by the current, the units for which are called amperes. The current, in 
amperes, is the rate of flow of charge in coulombs per second. 

For example, if a current of 2 amperes is passing through a conductor, charge is 
flowing through it at the rate of 2 coulombs per second. Therefore, if this current is 
allowed to flow for 30 seconds, the total quantity of electricity passing through the 
substance in this time is: 

2 x 30 = 60 coulombs 


You can test your understanding of this type of calculation by trying the examples in 
Exercise 19, p. 387. 

By recording the current and the time, and finding the mass of lead produced, it is 
possible to find the mass of lead ions which are neutralised by a certain quantity of 


electricity. 
For example, if on passing a current of 4 amperes through molten lead (II) bromide 


for 10 minutes 2-5 g of lead are produced, we can say that the quantity of electricity 
used 
= 4x 10 x 60 
2400 coulombs 
Thus 25g of lead are formed by neutralising lead ions with 2400 coulombs of 


electricity. 
It is more useful to express the quantity of lead in moles of atoms rather than in 


grams. 


i] 


1 mole of lead atoms = 207g 
hence 2-5 g of lead = sa moles of atoms 
= 0:0121 


0:0121 moles of lead atoms are formed by 2400 coulombs of electricity. 

1 mole of lead atoms are formed by 198 000 coulombs of electricity. 

1 mole of lead atoms contains approximately 6 x 10? atoms (4.10). Hence 
6 x 1023 ions of lead are neutralised to form 6 x 107% atoms of lead by 198000 
coulombs of electricity. 

A small change in the mass of lead produced will result in a considerable change in 
the final quantity of electricity required to neutralise 1 mole of ions. It is therefore 
more sensible when using the results of this experiment not to claim a high degree of 
accuracy in the final answer and to approximate it to 200.000 coulombs, which is 
more conveniently written as 2 x 10° coulombs. 

More examples of this type of calculation are given in Exercise 20, p. 387. 
Table 6.2 shows the approximate results from these two experiments and some other 
experiments which are too difficult or dangerous to perform in a school laboratory. 
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TABLE 6.2. Quantity of 
electricity required 

to neutralise 1 mole 

of ions of a selection 

of elements 


6.10 
Charges on ions 


TABLE 6.3, Formulae and 
charges of some common 
ions 


silver 
copper 
lead 
sodium 
calcium 
aluminium 
chloride 
bromide 
hydrogen 


lx 
Dax 
Dox 
1 x 
2x 
SX 
lx 
li 
lx 


The quantity of electricity required to neutrali i i 
r c ise 1 mole ofions will depend on the si 
of the charge on the ions. Inspection of the results in Table 6.2 ane that Base age 
ed pattern, namely, that all of the ions require either approximately 10° 
coulombs per mole or a simple multiple of this quantity. None of the ions requires | 
than 105 coulombs per mole. i 
1 mole of copper ions (6 x 10% ions) requi ic 
e ; : ‘equires twice as much electricity t i 
them asis required by 1 mole of silver ions (6 x 10 ions) and Satire. eens 


co, rion is twice that on a silver ion. The actual charge e silve: 1s Vel all 
ppe: rge on one silver ion Ty smali, 


sre ae ee 
6 x 10 ~ 


Therefore, as in the case of atomic masses (4.9) iti i 
} .9) it is more convenient to usi i 
— than actual charges. If the smallest charge found on any Sen hale! 
a ver) is said to bel +, then the charge on a copper ion, which requires twice as much 
e emam will be 2+. Similarly, negative ions require simple multiples of 105 
coulombs for neutralisation of | mole of ions and the relative negative cha: h 
ions are represented by 1 — and 2—. — 

Table 6.3 shows the symbols used to n 

st represent | mole, and the relati 

some common positive and negative ions, Note that the in front of he va cenia z 
and negative charge is usually omitted. ae 


1:7 x 107° coulombs 


POS! IONS 


NEGATIVE IONS 


FORMULAE 


sodium chloride 
Poa bromide 
silver iodide 
calcium oxide 
copper 
lead 
aluminium 
hydrogen 


Compounds have no net char; 
€ i ge and hence are neutral. If the relative ch 
ions which form „a compound are known, the empirical Afaia wD e ‘tie 
bert as is ea he Pa the minimum number of positive and hepatve ions 
required to produce a neutral compound. For example, there i 
Seah å P K 3 t 
as many chloride ions (Cl-) as calcium ions (Ca?+) in-the anoh an ane 
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6.11 
Michael Faraday 


Fig. 6.7 Michael 
Faraday working in his 
laboratory at the Royal 
Institution. (Courtesy The 
Royal Institution, 
London} 


and hence its empirical formula is CaCl). Calcium oxide will contain equal numbers of 
calcium ions (Ca?*) and oxide ions (O*~) and hence its formula will be CaO, 

Now using this procedure try to predict the empirical formulae of the following 
assium bromide, silver oxide, aluminium chloride and copper oxide. 
from combining powers, derived from conduction 
will be discussed in more detail in Chapter 7. 


compounds: pot 
The construction of formulae f 


experiments and by other means, 


‘singly charged positive or 


The quantity of electricity required to neutralise 1 mole of 
curately 96 500 coulombs) 


negative ions, that is approximately 10° coulombs (more a 
is known as 1 Faraday after the famous scientist Michael Faraday (1791-1867). 


Mae Hes POARI TA 
i PES 
PRN RES CE | 


AWN catenin 


1 


Faraday was the son of a blacksmith and he educated himself while serving an 
apprenticeship as a bookbinder. He brought himself to the attention of Sir Humphry 
Davy who was at the Royal Institution in London by attending some ofhis lectures and 
sending him a bound copy of the notes he had made of the lectures. Faraday joined the 
staff of the Royal Institution and eventually became the director of its laboratory. 
While there he made many important discoveries in both physics and chemistry. He 
summarised the results of his experiments on the chemical effects of electricity in two 
laws. 

Faraday’s first law states that 

the quantities of substances liberated by an electric current are directly 
proportional to the quantity of electricity used. 
Faraday’s second law can be stated, in modern form, as 


the quantity of electricity required to neutralise 1 mole of ions to form 1 
mole of atoms of an element is 1 Faraday (96500 coulombs) or a simple 
multiple of this quantity. 

Thus as sodium ions have a relative charge of 1 +, 1 mole of atoms will be formed by 
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1 Faraday, whereas calcium ions have a relative charge of2 + and 1 mole of atoms will 
be formed by 2 Faradays of electricity. Thus if the relative charge on an ion is known, 
it is possible to use Faraday’s second law to predict the mass of the element which will — 
be formed by a certain quantity of electricity. 


Example: What mass of copper will be deposited at the negative electrode when a 


current of 2 amperes is passed through a solution of copper(II) sulphate for one hour? ~ 


The quantity of electricity used = 2 x 1 x 60 x 60 
= 7200 coulombs 
The copper ions in copper(II) sulphate have a relative charge of 2+. Thus 2 Faradays 
of electricity will be required to form 1 mole of copper atoms. 
That is 2 x 96 500 coulombs will form 63-5 g of copper 
63-5 


1 coulomb will form x 96500 8 of copper 


63-5 x 7200 
2 x96500 § 


= 2:37 g of copper 


7200 coulombs will form 


The mass of copper deposited will be 2-37 g. 

More examples of this type of calculation are given in Exercise 21, p. 387. 

Faraday was also the first person to use the names which are still commonly used 
when describing the chemical effects of electricity. 

Electrolyte and non-electrolyte are used to describe compounds which, 

respectively, do and do not conduct electricity when either in the liquid form or in 

aqueous solution. 

Electrolysis is the name given to the process by which a compound is broken down 

by passing a direct electric current through it. The materials dipping into the 

electrolyte during electrolysis are called electrodes. The positive electrode is called 

the anode (from the Greek meaning the way up) as this was the electrode by which 

electricity was thought to enter the apparatus, and the negative electrode is called 

the cathode (from the Greek meaning the way down), 

The ions which are attracted to the anode, that is the negative ions, are called 
anions and those attracted to the cathode, that is the positive ions, are called 
cations. 

You will meet these terms again when the products of electrolysis and the 
production of electricity are discussed in Chapter 19 and Chapter 20 respectively. 


1. Fora substance to be able to conduct electricity it must contain charged particles 
which are free to move through the substance. 

2. For compounds which conduct electricity, the charged particles are called ions. 

3. The ions in a compound are able to move only when the compound is in the liquid 
state and (if it is soluble) when it is dissolved in water. 

4. When a molten compound or an aqueous solution of a compound conducts 
electricity, the positive ions are attracted to the negative electrode where they are 
neutralised and the negative ions are attracted to the positive electrode where they 
are neutralised. 

5. The quantities of electricity required to neutralise 1 mole of ions of different 
elements depend on the relative charges on the ions. 

6. The relative charges on ions can be used to predict the empirical formulae of 
compounds, 

7. Faraday was the first person to use the terms electrolyte, electrolysis, anode and 
cathode when describing the chemical effects of electricity. 

8. The mass of a substance liberated during electrolysis depends on the quantity of 
electricity used and on the relative charge on the ions which are discharged. 


Gnapren Representing substances by 
formulae, and chemical reactions by 
equations 

Investigation How many moles of copper are formed when 1 mole of 


7.1 iron reacts with excess copper(I) sulphate solution? 


When iron is added to copper(II) sulphate solution, the iron dissolves and 
copper is displaced and left as a precipitate. If excess copper(II) sulphate 
solution is used, all of the iron will dissolve and the mass of copper formed 
from a certain mass of iron can be found. 

These masses can be used to find the number of moles of copper formed 
when 1 mole of iron is reacted with the copper(II) sulphate solution, which is 
the first step in finding the equation for the reaction. 


æ You will need clean iron filings, a concentrated solution of copper(II) 
sulphate and a small volume of propanone. 


Weigh a dry test-tube. Place about 0-5 g of iron filings in the test-tube and 


reweigh the tube. 

Carefully warm about half a test-tube full of copper(I!) sulphate solution. 
When it is hot, pour it, in about 1 cm? portions, on to the iron filings. After 
each addition, shake the test-tube to ensure good mixing. 

When the reaction appears to be complete and the blue colour of excess 
copper(II) sulphate solution can be seen, allow the copper to settle. 
Carefully remove as much as possible of the excess copper(II) sulphate 
solution by means of a teat pipette. 

Add about 2 cm? of pure water, shake the tube, allow the copper to settle 
and remove the liquid again. Repeat this procedure using propanone instead 
of water. 

The remaining traces of propanone can be removed, leaving dry copper, by 
placing the test-tube in a beaker of boiling water for a few minutes. 

Weigh the dry test-tube and copper. 

Make a list of your results and calculate the mass of iron used and the mass 
of copper produced. Look up the relative atomic masses of iron and copper 
and use them to calculate the number of moles of copper produced when 1 
mole of iron reacts with copper(I!) sulphate solution. 

The formula of copper(I!) sulphate is CuSO,. Predict the formula of the 
other product of the reaction besides copper and write a complete balanced 

æ equation for the reaction. 


Question Select the appropriate symbols from the list (s), (I), (g) and (aq) (see 7.11) 
and indicate the physical states of the reactants and products in the equation. 


Investigation How many moles of hydrogen are produced when 1 
7.2 mole of magnesium reacts with excess hydrochloric 
acid? 
If aknown mass of magnesium is added to an excessof hydrochloric acid, all 
the magnesium will react and the hydrogen produced can be collected ina 
syringe and .ts volume measured. 
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| Fig. 7.1, 


Question 
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Thus the volume of hydrogen produced by a certain mass of magnesium 3 
will be known, from which it is possible to calculate the number of moles of 


hydrogen molecules produced by 1 mole of magnesium atoms, which is the ~ 
first step in finding the equation for the reaction. 


i ili i d together as shown in 
You will need a boiling-tube and syringe connecte! c y 
Fig. 7.1, some clean magnesium ribbon and dilute (2M) hydrochloric acid. 


Syringe for 
collecting hydrogen 


Magnesium 


ribbon Dilute hydrochloric acid 


Pour dilute hydrochloric acid into the boiling-tube to a depth of about 3 cm, 
Weigh about 8 cm of clean magnesium ribbon. é ; 

Put the ribbon into an ignition-tube and stand the tube vertically in the 
acid, taking care that the magnesium does not come into contact with the 
acid. ; 4 

Connect the boiling-tube to the syringe and note the reading on the 
syringe. } na 

Allow the acid to come into contact with the magnesium by tilting the 
boiling-tube. Make sure the piston of the syringe does not stick by rotating it 
gently as the gas is being given off. When all the magnesium has reacted, 


record the new reading on the syringe and calculate the volume of hydrogen" 


produced. 


Look up the relative atomic mass of magnesium in the Data Section and 


use it to calculate the number of moles of magnesium atoms reacting. 
Using the fact that 1 mole of molecules of a gas will occupy äpproxime d 

24 dm? at room temperature and pressure, calculate the number of moles 0 

molecules of hydrogen produced. Then calculate (to the nearest whole 


number) the number of moles of hydrogen molecules produced by 1 mole of 


magnesium atoms. 
The formula of 1 mole of magnesium atoms is Mg. 
The formula of 1 mole of hydrogen molecules is H2. 
The formula of 1 mole of hydrochloric acid is HCI. 


Predict the formula of the other product besides hydrogen and write the 
æ balanced equation for the reaction. 


What are the physical states of the reactants and products? Select the 
appropriate symbols for these states (7.11) and include them in the 


equation. 


Fig. 7.2 
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How many moles of potassium iodide react with 1 
mole of lead(Il) nitrate? 


When a'solution of lead(II) nitrate is mixed with a solution of potassium 
iodide, a bright yellow precipitate is formed. All potassium compounds are 
soluble and hence the precipitate is likely to be lead(II) iodide. 

The first stage of the experiment involves taking several equal portions of 
potassium iodide solution. We then add to each successive portion a larger 
volume of lead (II) nitrate solution in order to find out the volume of lead (II) 
nitrate solution which is needed to use up all of the potassium iodide 
present. When the reaction is complete no more precipitate will be formed, 
and if the precipitate is allowed to settle, a constant height of precipitate will 
indicate the ‘end point’ of the reaction. 


You will need six test-tubes with equal internal diameters, 0:5M solutions of 
potassium iodide and lead (l1) nitrate, and two burettes or plastic syringes for 
measuring out up to 5:0 cm? of the solutions. 


Place the six test-tubes into a test-tube rack and put 5:0cm?® of the 
potassium iodide solution into each test-tube (Fig. 7.2). 


Volume of lead(II) nitrate solution to be added 
1.0 1.5 2.0 25 3.0 3.5 cm? 


5.0 cm? of potassium iodide solution in each test-tube 


Add 1:0 cm? of lead(II) nitrate solution to the first test-tube, 1:5 cm? to 
the second, 2:0 cm? to the third, 2:5 cm? to the fourth, 3-0 cm? to the fifth 
and 3-5 cm? to the sixth. Stir each test-tube an equal number of times and 
allow the precipitates to settle. 

Measure the heights of the precipitates and plot a graph of height of 
precipitate against volume of lead(II) nitrate solution added. 

From the graph, estimate the volume of lead (11) nitrate solution which has 
to be added to first give the final constant height of precipitate. This volume 
is the minimum quantity of the lead(II) nitrate solution which is required to 
react completely with the 5:0 cm? of potassium iodide solution. 

Use these two volumes and the molarities (7:9) of the solutions to 
calculate the number of moles of each substance taking part in your reaction. 
Then calculate the number of moles of potassium iodide which reacts 
completely with 1 mole of lead (II) nitrate. 

The formula of potassium iodide is KI and that of lead(il) nitrate is 
Pb{NO,)2. Putting the appropriate numbers in front of these formulae, write 
down the left-hand side of the equation for the reaction. Now predict the 


complete balanced equation for the reaction. 


Questions 


TABLE 7.1. The formulae 
of some simple compounds 


1 What are the physical states of the reactants and products of this 
reaction? Indicate these physical states by including the appropriate 
symbols (7.11) in the equation. : 

2 Why is it necessary to use test-tubes with similar internal diameters? 


When atoms of one element combine with the atoms of another, they always do so ina 
small whole number ratio. The combining masses of the two elements can be found by 
experiment and used to calculate the ratio of the number of moles of each element 
combining and hence the ratio of the number of atoms combining (4.11). The usual 
way of writing down the result is to represent 1 mole of atoms of each element by a 
symbol and the ratio by small numbers written after each symbol. Thus in the case of 
water the ratio is: 

2 moles of hydrogen atoms to 1 mole of oxygen atoms. This can be represented by 
H,O which is called the formula for water (or more strictly the empirical formula, 
4.11). 

sri the ratio involves the number 1, it is usual not to write the | in the formula, 
that is water is written as H,O rather than as H,O,. 

Thus it is possible to find the formulae of compounds from experimental results. 
Table 7.1 lists some simple compounds and their formulae which have been found in 
this way. 


FORMULA 


hydrogen chloride 
sodium chloride 
hydrogen bromide 


sodium bromide 
hydrogen iodide 
sodium iodide 
magnesium chloride 
water 


There do appear to be some patterns in these formulae. For example, when a 
halogen (chlorine, bromine or iodine) combines with sodium, it is always one mole of 
halogen atoms which combines with one mole of sodium atoms rather than two or 
three, Also, one mole of hydrogen atoms combines with one mole of atoms of each 
halogen. The existence of a pattern becomes even more clear when the formula 
of the compound between sodium and hydrogen (sodium hydride, NaH) is included: 


1 mole of hydrogen atoms combines with 1 mole of chlorine atoms, 
1 mole of sodium atoms combines with | mole of chlorine atoms and 
1 mole of sodium atoms combines with | mole of hydrogen atoms. 


This pattern can be summarised by saying that hydrogen, sodium and chlorine in 
these compounds each have a combining power of |. The formula of magnesium 
chloride, MgCl,, indicates that there are always two moles of chlorine required for 
every mole of magnesium. Thus magnesium, compared to chlorine, has a combining 
power of 2. You should now be able to predict the formula of magnesium bromide and 
of magnesium iodide. 

Magnesium has a combining power of 2 and bromine has a combining power of 1, 
therefore two moles of bromine are needed for every mole of magnesium and the 
formula of the compound is MgBr,. Similarly, the formula of magnesium iodide is 
Mgl. - : 

The formula of water, H,O, indicates that there are always two moles of hydrogen 
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75 
Charges on ions 


and valencies 


7.6 
Construction of 
formulae 


TABLE 7.2. Charges on 
some positive ions 


atoms for every mole of oxygen atoms and as hydrogen has a combining power of 1, the 
oxygen must have a combining power of 2. : 

You should now be able to predict the formula of a compound of sodium and 
oxygen, and the formula of a compound of magnesium and oxygen. 

It does appear from an examination of the formulae of compounds that elements do 
have particular combining powers in several compounds. 

An alternative name which is often used for combining power is valency. 


A clue as to why some metallic elements and non-metallic elements have particular 
valencies is provided by the experiments, described in Chapter 6, during which 
electricity is passed through compounds either in their liquid state or dissolved in 
water. These experiments show that compounds of metals and non-metals frequently 
contain charged atoms (called ions). The metallic ions (and the hydrogen ion) are 
positively charged and the non-metallic ions are negatively charged. 

The formula of a compound which contains ions is the smallest ratio of ions of each 
element which will produce a neutral compound. For example, 


the relative charge on a magnesium ion is 2+ (Mg**), 
the relative charge on a bromide ion is 1 — (Br-). 
Thus the formula of magnesium bromide is MgBry. 


We can see that magnesium has a valency of 2 because its ion has a relative charge of 
2+ and bromine has a valency of | because its ion has a relative charge of 1 —. 

To find more fundamental reasons for particular elements having particular 
valencies and ions particular charges we need to find out more about the structures of 
atoms. Chapters 14 and 15 are concerned with atomic structure'and why and how 
atoms combine together. 


The previous sections and the previous three chapters, show how it is possible to find 
the formulae of compounds from experimental results, but obviously we cannot do an 
experiment every time we want to use a formula. We must remember the formula, or 
look at a list of formulae which have been found by other people, or construct the 
formulae by using the valencies of the elements or the charges on. their ions. 

Table 7.2 shows the charges on some common positive ions and hence their 
valencies. 


VALENCIES 


2 


NAME NAME NAME 


aluminium 
iron(II) 


sodium magnesium 
potassium calcium 
silver zinc 
copper(I) copper(II) 
hydrogen iron(II) 
ammonium lead (II) 


Notice that all of the ions in Table 7.2 (except hydrogen and ammonium) are ions of 
metallic elements. 

It can be'seen from Table 7.2 that some metals form more than one type of ion. 
There exist; for example, two compounds in which copper and oxygen are combined: 


Cu,O, called copper(I) oxide (the (I) indicating that the compound contains 
copper which is using a valency of 1), 
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TABLE 7.3, Charges on 
some negative ions 


CuO, called copper(II) oxide (the (II) indicating that the compound contains. _ 


copper which is using a valency of 2). 


The most important negative ions are those which are derived from the common 


acids. Table 7.3 shows the charges on these ions together with, where appropriate, the | 


acids with which they are associated. 


NAME FORMULA NAME VALENCY 


hydrochloric HCl chloride 

nitric HNO, nitrate 

sulphuric H,SO, sulphate 
hydrogensulphate 
(bisulphate) 


sulphurous H,SO, sulphite 
hydrogensulphite 
(bisulphite) 
carbonic H,CO, carbonate 
hydrogencarbonate 
(bicarbonate) 


oxide 
hydroxide 


Notice that all of the ions in Table 7.3 are made up of one or more non-metallic 
elements. 

It is important to remember that not all compounds conduct electricity when 
molten or dissolved in water and therefore not all compounds contain ions. Some 
common hon-metals seldom, if ever, form ions. For example, carbon which has a 
valency of 4 and nitrogen which has a valency of 3 only rarely form ions. 

When using the valencies from Tables 7.2 and 7.3 to construct formulae, several 
rules are applied: k 
1. The valencies (or charges on the ions) must balance. For example, the atoms of an 

element with a valency of 2, such as zinc, will combine with twice as many atoms 

of an element, such as chlorine, which has a valency of 1. Thus the formula of zinc 
chloride is ZnCl, . - 

2. In some compounds, one part consists of atoms of more than one element bonded 
together, e.g. nitrate, NO, ~. When two or more of these ions are required in the 
formula, the ion is enclosed in brackets before writing the number to indicate the 
ratio. For example, in magnesium nitrate there will be twice as many nitrates as 
magnesiums, therefore, the formula is Mg(NO,), rather than MgNO,,, which 
would mean something completely different and obviously would be incorrect. 
Similarly, the formula MgN,O, does not enable us to recognise easily that the 
compound is a nitrate. 

3. Itis usual to put the more metallic part of the compound first in the name and the 
formula. For example, it is normal to write sodium chloride which is NaCl, rather 
than chloride sodium and CINa. ; 


For the moment it is important that you treat these tables as aids to help you 
construct formulae. Do not be concerned about the large number of elements 
and valencies. These will become easier to remember when you have studied the 
elements themselves and know more about the structures of atoms. Remember that it 
would be possible to use the tables to construct the formula of a compound that is not 
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7.7 
Moles of 
substances 


TABLE 7.4. Moles of 
elements 


TABLE 7.5. Moles of 
compounds 


known to exist, e.g. aluminium carbonate. You must have good evidence for the . 


existence of a compound before constructing and using its formula. 
You can check that you understand the rules for constructing formulae by trying 
the examples in Exercise 4, p. 384. 


In Chapter 4 one mole of atoms of an element was defined as the amount of the element 
that contains the same number of atoms as in 1 g of hydrogen (or 12g of carbon-12), 
i.e. 6 x 10? atoms. The amount of an element which contains this number of atoms is 
one relative atomic mass of the element expressed in grams. 

The mole is also useful for substances which do not exist in the form of single atoms. 
In these cases the mole is the amount of substance which contains the same number of 
particles as there are atoms in 1 g of hydrogen (or 12 g of carbon-12). For example, 
some non-metallic elements exist in the form of diatomic molecules (5.6), 

e.g. hydrogen, H,; oxygen, O,; nitrogen, Ng; chlorine, Cl,. 

In the case of oxygen, its relative atomic mass, expressed in grams, 16 g, contains 
6 x 10®8 atoms combined together to form 3 x 10%% molecules. 

One relative molecular mass of oxygen, expressed in grams, 32 g, contains 12 x 10% 
atoms combined together to form 6 x 102% molecules. 

For compounds, you may not always know whether they exist as separate molecules, 
e.g. carbon dioxide as CO, molecules, or as collections of oppositely charged ions, e.g. 
sodium chloride, Na*Cl-, but whatever the case, 1 mole of the compound is always 1 
relative formula mass of the compound expressed in grams. For example: 

1 mole of iron (56 g) contains 6 x 108 atoms of iron, 

1 mole of sulphur (32 g) contains 6 x 10? atoms of sulphur. 

When these amounts combine to form iron sulphide, 88 g of the compound will be 
formed which will contain the atoms of iron and sulphur combined together to form 
6 x 10% iron-sulphur pairs. 

i.e. 6 x 10% atoms of Fe + 6 x 108 atoms of S > 6 x 10% FeS units. 

Table 7.4 shows how the unit amount of substance (the mole) can be used for 
elements and in Table 7.5 for compounds. 

There are more examples involving the relationship between masses and numbers 
of moles in Exercises 5 and 6, pp. 384 & 385. 


ELEMENT MASS OF | MOLE MASS OF | MOLE 
OF ATOMS OF MOLECULES 


carbon 


sodium 
hydrogen 
oxygen 
nitrogen 
chlorine 
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COMPOUND MASS OF | MOLE 


iron(II) sulphide 56 + 32 

sodium chloride 23 + 35:5 

water (2 x 1) + 16 
carbon dioxide 12 + (2 x 16) 
calcium hydroxide 40 + 2 (16 + 1) 
magnesium sulphate 24 + 32 + (4 x 16) 


ee 
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7.8 
Representing 
chemical 


reactions 


7.9 
Determination 
of equations 


When a chemical reaction occurs, and the identities of the starting substances 
(reactants) and the products are known, it is possible to represent the reaction by a 
word equation, 

eg iron + sulphur — iron sulphide 


This word equation tells us only the names of the reactants and products, but it does 
not tell us the ratio of the numbers of atoms of iron and sulphur which combine 
together, and the equation could not be used to calculate the mass of iron sulphide 
which would be formed from a certain mass of iron, and yet these are the sorts of 
questions that a chemist needs to be able to answer. 

In the previous section, we saw that: 

1 mo peta (Fe) combines with 1 mole of sulphur (S) to form 1 mole of iron(II) 

sulphide. 


This enables us to write an equation using formulae rather than words: 
Fe + S > FeS 
This equation is more useful than the word equation because anyone reading it will 


know that atoms ofiron and sulphur combine in a 1:1 ratio. Later in this chapter you 


will see how it could be used to predict how much iron(II) sulphide would be formed 
from a certain mass of iron. 


Wherever possible, chemists represent chemical reactions by equations of this type 
as they convey so much useful information. 


The equation for a chemical reaction can either be worked out from experimental 
results or, when the type-of réaction occurring is known, it can be predicted. 


Equations from reacting masses 


Example: 6 g of magnesium (Mg) on heating in oxygen (O, d 
magnesium oxide (MgO). : ee 


Thus 6 g of Mg + 4g of O, + 10 g MgO 


The relative atomic masses of Mg and O are 24 and 16 respectively. 


6 
74 moles of Mg + 5 moles ofO, —> E moles of MgO 


1 
7 moles of Mg + i moles of O, > ; moles of MgO 


Converting this to a simple whole number ratio: 
2 molesofMg + 1 mole ofO, + 2 moles of MgO 
Therefore this reaction may be represented by the formula equation: 
“2Mg + O, > 2MgO 
More examples of this type are given in Exercise 7, p. 385. 


Equations from volumes’of solutions reacting together 
Chemical reactions are frequently carried out by firstly dissolving the reactants in 
water and then reacting them together. The concentration of a solution can be 
Se in grams per cubic decimetre (or grams per litre) which is abbreviated to 
pom or more m as the number of moles per cubic decimetre, i.e. mol dm-*. 
e concentration ofa solution expressed in mol dm~ i olarity 
Tni p mol dm~* is known as the m. ofthe 
For example, 1 mole of sodium hydroxide (NaOH) has a mass of 40 g, a solution - 
containing Di amount ofsodium hydroxide in 1 dm? of solution has a concentration of 
l mol dm~? and is called a 1M (or molar) solution. A solution containing 4 g of 
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sodium hydroxide in-1 dm? of solution has a concentration of 0-1 mol dm~? and is — 


called a 0-1M solution. Check that you can use molarities by doing the examples in 
Exercises 11, 12 and 13, p. 386. 

If there is some way of detecting when a reaction is complete, it is possible to find 

the volumes of two solutions which react together. Also, if the molarities of the two 
solutions are known, it is possible to work out the ratio of the number of moles of the 
two substances taking part in the reaction. This ratio is the first stage in writing the 
equation. 
Example: Sulphuric acid solution reacts with sodium hydroxide solution. The end of 
the reaction can be detected by an indicator which is a substance which is a different 
colour in an acid than it is in an alkali (11.13). In an experiment to find the ratio of the 
number of moles of the compounds which react together, 12:5 cm? of 0:1M H,SO, 
solution are found to react with 25-0 cm? of 0-1M NaOH solution. 


1000 cm? of 0:1M H,SQ, solution contains 0-1 mole of H,SO, 
0-1 

1000 
1000 cmê of 0-1M NaOH solution contains 0-1 mole of NaOH 


12-5 cm? contains x 12:5 = 0-00125 moles of H,SO, 


25-0 cm? contains ios x 25:0 = 0:0025 moles of NaOH 
Thus 0:0025 moles of NaOH react with 0:00125 moles of HSO; . 
Dividing through by 0-00125 to obtain a simple whole number ratio, 


2 moles of NaOH react with 1 mole of H,SO, 
At this stage the equation for the reaction can be written as: 
2NaOH + H,SO, —> products 


To complete the equation it is necessary either to analyse the resulting solution in order 
to identify the products and the number of moles of each product formed or to predict 
the products from our knowledge that acids react with alkalis to form salts (11.9) and 
water. In this reaction the products are sodium sulphate and water. 

At this stage we can write: 


2NaOH + H,SO, —> Na,SO, + H,O 
To complete the equation we must use our knowledge that: 


All the atoms which appear on the left-hand side of the equation must appear on the 
right-hand side (Law of Conservation of Mass, 4.7). 


In order to satisfy this condition it is necessary to place a 2 in front of the H,O which 
indicates that two. moles of water will be formed whenever two moles of sodium 
hydroxide react with one mole of sulphuric acid. The complete equation is: 


2NaOH + H,SO, > Na,SO, + 2H,O 


An equation which satisfies this second condition is said to be balanced. Only when an 
equation is balanced will the correct ratio of moles of reactants and products be 
indicated. 4 : 

It must be emphasised that when balancing equations numbers must be placed in 
front of formulae where necessary, but the formulae themselves must not be changed. 
In the above example, it was correct to write 2H,O but it would have been incorrect to 
write H,O, as this would no longer represent water, indeed there is no substance with a 
formula H,O,. 

Other examples of this method of finding equations are given in Exercise 14, 
p. 386. 
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7.11 


7.12 


States of 
reactants and 
products 


The masses of 
reactants and 
products 


We cannot carry out experiments every time we wish to write down the equation for a 
reaction and so it is useful to be able to remember a lot of different types of equations 
which will enable you to predict the identity of the products of the reaction. Then using 
your knowledge of the valencies (or charges on ions) you can work out the formulae for 
the reactants and products. 


Example: One general type of reaction is that all carbonates react with acids to form 
carbon dioxide, a salt and water (28.15). This enables you to predict that in the case of 
calcium carbonate with hydrochloric acid, the products of the reaction will be carbon 
dioxide, calcium chloride and water. Using the valencies in 7.5, the formulae of the 
reactants and products can be predicted to be: 


calcium carbonate CaCO, 
hydrochloric acid HCl 
carbon dioxide co, 
calcium chloride CaCl, 
water H,O 


The equation, before checking whether it is balanced, is: 
CaCO, + HCl > CO, + CaCl, + H,O 


` This equation is not balanced because there are two moles of chlorine atoms and two 


moles of hydrogen atoms on the right-hand side whereas there is only one mole of each 
element on the left-hand side. To balance the equation it is necessary to write a 2 in 
front of HCl. The equation becomes: 


CaCO, + 2HCl > CO, + CaCl, + H,O 


This equation is now balanced and shows that 1 mole of calcium carbonate will react 
with 2 moles of hydrochloric acid to form 1 mole of carbon dioxide, 1 mole of calcium 
chloride and 1 mole of water. This information can be used to predict the amount ofa 
product that can be formed from a known amount of a reactant. 


Chemical equations often include additional information which indicates the physical 
state of each substance. The equation shows whether the substance is in its solid, liquid 
or gas form at the temperature at which the reaction is performed, or if it is present in 
the form of a solution in water. For example the above equation can be written as, 


CaCO,(s) + 2HCl(aq) > CO,(g) + CaCl,(aq) + H,O(1) 


where: (s) indicates that calcium carbonate is a solid, 
(aq) indicates that hydrochloric acid and‘calcium chloride are in aqueous 
solution, 
) indicates that carbon dioxide is a gas and is therefore given offas bubbles 
of gas, 
(1) indicates that water is in its liquid form. 


$ Where it is helpful to do so, the physical states ofreactants and products are included 
in the equations used in the remaining chapters of this book. 


If the balanced equation for a reaction is known, it is possible to use it to predict the 
mass of one reactant which is required to react with a certain mass of the other reactant 
and also the masses of the products which will be formed. 


Example: The first stage in the conversion of galena, which is an important ore of 
lead, into the metal, is to heat it in air. 
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Galena, lead(II) sulphide, is converted to lead(II) oxide. The equation for the 
change ia: 2PbS(s) + 30,(g) > 2PbO(s) + 280, (g) 


The next stage, which can be carried out easily in a school laboratory, converts the 
lead(II) oxide to lead by heating it with carbon: 
PbO(s) + C(s) > Pb(l) + CO(g) 


This equation is balanced and can be used to predict the mass of lead formed from a 


certain mass of lead(II) oxide. 
For example, what mass of lead can be obtained from 10 g of lead (II) oxide? 
The balanced equation shows that: } 


1 mole of lead (II) oxide —> 1 mole of lead 
The relative atomic masses of lead and oxygen are 207 and 16 respectively. Thus 1 


mole of lead(II) oxide, PbO, has a mass of 207 + 16 = 223 g and 1 mole of lead, Pb, a 


mass of 207 g. 
Therefore, 223 g of lead(II) oxide —> 207 g of lead 
Divide both sides by 223, 


l goflead(II) oxide —> pup of lead 


10 goflead(II) oxide >i 10 x pu = 9:28 g of lead 
It can be predicted that complete conversion of 10 g of lead(II) oxide will produce 
9-3 g of lead. 

You should now be able to take the process a stage further back and predict the mass 
of pure lead(II) sulphide which you would need to start with in order to end up with 
this mass of lead. 

Example: The usual method of preparing ammonia, NH,, in the laboratory is to heat 
ammonium chloride with calcium hydroxide (33.14). The balanced equation for the 
change is: i 

2NH,Cl(s) + Ca(OH),(s) > CaCl,(s) + 2NH,(g) + 2H,O(g) 
This equation can be used to calculate the minimum mass of calcium hydroxide 
needed to convert a certain mass of ammonium chloride (e.g. 40 g) into ammonia. 

From the balanced equation: 

2 moles of NHCl react with 1 mole of Ca(OH), 


The relative atomic masses of the elements are: 


N = 14,H = 1, Cl = 35:5, Ca = 40,O = 16 
1 mole of NH,Cl has a mass of 14 + (4 x 1) + 35:5 = 535g 
1 mole of Ca(OH), has a mass of 40 + 2(16 + 1) = 74g 


Thus 107 g of ammonium chloride reacts with 74 g of calcium hydroxide. 
Divide both sides by 107: 
74 


1 g of ammonium chloride reacts with 1078 of calcium hydroxide 
Therefore, 
40 g of ammonium chloride reacts with 40 x im g of calcium hydroxide 
= 27-7¢ 


The minimum mass of calcium hydroxide required to convert completely 40 g of 
ammonium chloride into ammonia is 27-7 g. 
More examples of this type are given in Exercise 9, p. 385. 
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7.13 

Volumes of 
reactants and 
products 


7.14 
Measuring 

(i concentrations 
of solutions 


When gases are used or produced in chemical reactions, it is often more important to 
know the volumes of the gases rather than their masses. In Chapter 5'(5:9) we saw 
that 1 mole of any gas must occupy the same volume if measured at the same 
temperature and pressure. This volume when measured at s.t.p. (273 K and 101 kPa 
(760 mmHg)) is 22:4 dm? and at room temperature and pressure (293 K and 101 kPa 
(760 mmHg)) it is 24:0 dm?. This relationship between moles of gases and their 
volumes can be used to predict the volumes of gases involved in reactions. 


Example: In an important industrial process (Solvay Process, 29.5) sodium chloride 

is converted into sodium hydrogencarbonate, which is later converted into sodium 

carbonate. The balanced equation for the second stage of the process is: 
2NaHCO,(s) + Na,CO,(s) + CO,(g) + H,O(g) 


This equation can be used to calculate the volume of carbon dioxide produced by 
heating a certain mass (e.g. 1 kg) of sodium hydrogencarbonate. 
The balanced equation shows that, 


2 moles of NaHCO, will produce 1 mole of CO, 
The relative atomic masses of the elements are: 
Nayas23) Bik C12) Ov 16. 


1 mole of NaHCO, has a mass of 23 + 1 + 12 + (3 x 16) = 84g 
1 mole of CO, will occupy 22:4 dm? at s.t.p. 


Thus 2 x 84 g of sodium hydrogencarbonate will produce 22-4 dm? of carbon dioxide 


at s.t.p. 
Divide both sides by 168, 


1 g of sodium hydrogencarbonate will produce a dm ? of carbon dioxide 


1000 g of sodium hydrogencarbonate will produce 1000 x a dm? 


= 133-3 dm? of carbon dioxide at s.t.p. 
Thus for every l kg of sodium hydrogencarbonate which is heated 133-3 dm? 


(measured at s.t.p.) of carbon dioxide will be produced. Clearly this is useful | 


information for the chemical engineer who is responsible for designing the equipment 
for this process. 
More examples of this type are given in Exercise 10, p. 385. 


The previous two sections have shown how to use equations of reactions to predict the 
masses of substances and the volumes of gases involved in the reactions. A lot of 
reactions use aqueous solutions of substances, and this section shows how the 
equation for a reaction between two aqueous solutions can be used to find the 
concentration of one of the solutions. The concentration of the other solution must be 
known and there must be a suitable method of finding the volumes of the solutions 
which react together. This is a technique you might use to check that the 
concentration of a solution of an acid is what the manufacturer claims it to be. It is a 
method of analysis —not to find what is in the solution, but rather to find how much of a 
substance is in a solution. Because it involves measuring volumes of solutions, it is 
sometimes called volumetric analysis. x 

Concentrations of solutions can be measured in gdm-® or mol dm-?., The 
concentration in mol dm~? is called the molarity’of the solution and is often 
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abbreviated to M (7.9). That is, a solution containing 1 mol dm~ is called a 1M 
solution, 0.1 mol dm~? is a 0.1M solution, 2.5 mol dm~? is a 2.5M solution and so on. 

If you were aiming to find the concentration of a solution of sodium hydroxide, 
you would use the following experimental procedure. A known volume (usually 
25 cm®) of the alkali solution is transferred by means of a pipette to a conical flask. A 
solution of an acid, such as hydrochloric acid, of known molarity, is placed in a 
burette. A few drops of suitable indicator is added to the alkali. The level of the acid 
in the burette is recorded and then the acid is run into the alkali stirring well, until the 
indicator just changes colour, The new level of the acid in the burette is recorded and 
so the volume of acid which is needed to react with all of the alkali can be found. 

To obtain accurate results, care must be taken with each stage of the procedure. If 
it is necessary for you to develop this skill, your teacher will provide more detailed 
guidance, but one obvious precaution to be taken is that the acid must be added very 
slowly, one drop at a time, near the point where the indicator changes colour (known 
as the end-point). The process of running one solution from a burette into another 
solution until the reaction is complete, is called a titration. The following example 
shows how the results from a titration can be used to calculate the concentration of a 
solution. 


Example: 25.0 cm? of a solution of sodium hydroxide of unknown concentration 
was titrated with a 0.1M solution of hydrochloric acid. It was found that 26.8 cm? of 
acid were needed to react completely with the alkali. The aim of the experiment was 
to find the molarity of the sodium hydroxide solution and its concentration in 
g dm™?, 


The equation for the reaction is: 
HCl (aq) + NaOH (aq) > NaCl (aq) + H,0(1) 


This shows that | mole of NaOH reacts with | mole of HCI. Therefore the number of 
moles of NaOH used in the reaction will always be exactly the same as the number of 
moles of HCI used. From the definition of molarity, 

1 dm? of 0.1M HCI contains 0.1 moles of HCI 

26.8 cm? of 0.1M HCI contains TOO x 26.8 moles of HCl 
This must be exactly equal to the number of moles of NaOH taking part in the 
reaction, that is, the number of moles in 25.0 cm?. 


x 26.8 moles of NaOH 


1000 


0.1 26.8 
gah ; sa Sl 50.0 j p 
1 dm* of NaOH solution contains 1000 x 25.0 x 1000 moles of NaOH 
= 0.107 moles 
The number of moles in 1 dm? is the. molarity of the solution and therefore the 
sodium hydroxide solution is 0.107M. 
1 mole of NaOH (adding the relative atomic masses) has a mass of 40 g 
0.107 moles have a mass of 40 x 0.107 = 4.28 g 
The solution contains 0.107 mol dm~* and therefore its concentration is 4.28 g dm~*. 


25.0 cm? of NaOH solution contains 


If sulphuric acid had been used in the above example, rather than hydrochloric 
acid, the equation for the reaction would have been; 


H,SO, (aq) + 2NaOH (aq) > Na,SO, (aq) + 2H,O(1) 


This shows that the number of moles of sodium hydroxide taking part in the reaction 
will always be twice the number of moles of sulphuric acid. Therefore when the 
number of moles of sulphuric acid has been calculated it is necessary to multiply this 
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number by 2 to find the number of moles of sodium hydroxide. Chapter 8 


You can check your understanding of these t i i 
problems in Errak 15, p. 386. f e e yi 
Although in many areas of chemistry analyses which were previously done by 
fi volumetric methods are now done by more rapid techniques using relatively 
{| expensive instruments, titration is still a useful technique. You could use it in a school 
| laboratory to analyse substances such as indigestion mixtures, minerals, water 
| pollutants and calcium in blood serum. When a solid is being analysed, a known mass 
of it is first dissolved in a suitable solvent, and then measured volumes of this solution Investigation 
are used in the titration. : 8.1 


1, Elements and ions, including those which are made up of combinations of elements 
(e.g. SO,*-), appear to have particular valencies. The valencies used in the 
formation of certain compounds can be related to the charges on the ions present. 

2. The valencies or charges on ions can be used to predict empirical formulae of 
compounds. 

3. Itis useful to represent a chemical reaction by a balanced equation which gives the 
formulae of each reactant and product and the ratio of the number of moles of 


reactants and products involved in the reaction. 
4. It is common to indicate in an equation for a reaction the physical states of the 
reactants and products by using the appropriate symbols: (s), (1), (g), (aq). 
5. Balanced equations can be used to predict the masses and, when gases are involved, 
___ the volumes of substances taking part or produced in chemical reactions. Questions 
6. The technique called volumetric analysis can be used to find the concentrations of 
solutions. 
Investigation 
8.2 
Question 
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Air and oxygen 


Is there any change in mass when magnesium burns? 
œ You will need a crucible and lid, a pipeclay triangle and d pair of tongs. 


Weigh a crucible and lid. Place about 10 cm of loosely coiled magnesium 
ribbon into the crucible, replace the lid and find the total mass. 

Place the crucible on a pipeclay triangle on a tripod and heat it gently at 
first and then more strongly. 

Every two or three minutes remove the Bunsen burner and lift the crucible 
lid for a short time with a pair of tongs, taking care not to allow any smoke to 
escape. 

When the burning appears to be complete, allow the crucible to cool and 
weigh the crucible, lid and contents. 

Make a list of your results and note how the mass of the ash which has 

been produced compares with the original mass of the magnesium. 


1 Qne theory, put forward in the early eighteenth century, suggested that 
combustion (burning) is a type of decomposition. According to this theory 
magnesium, on burning, would split up into simpler substances, one being 
left behind as ash while the other is given off as a gas. Do your results on the 
mass change in this experiment suggest whether this theory is likely to be 
true or not? Explain your answer carefully. 
2 Another theory, put forward in the late eighteenth century, suggested 
that combustion involves combination with something from the air. Do your 
results fit this theory? 

What did you notice during the experiment, in particular when you lifted 
the lid, which might suggest that air is involved in the process? 


Is there any change in mass when magnesium is 
heated under sand? 

Place about 10 cm of loosely coiled magnesium ribbon into a crucible. Now 
fill the crucible to about two thirds of its depth with fine dry sand and tap it 
gently so that the sand settles. Weigh the crucible and its contents. 

Support the crucible in a pipeclay triangle and heat it strongly for about 10 
minutes. Allow the crucible to cool and reweigh it. 
Record your results in a table and note if there was a change in mass similar 


to that in Investigation 8.1. 
Finally empty out the sand and examine the magnesium and decide 


æ whether or not it has burned. 


Why do the results of this Investigation differ from those of Investigation 
8.1? ; 


Question 


Questions 


ee 


First fold 


i 


D. 
Press tightly 
together 


Fig. 8.1 Folding copper foil 


Question 


Second fold 


What happens to copper when it is heated? 


æ (a) Take a piece of clean copper foil, about 3 cm square, and weigh it. Now 
hold it with tongs and heat it in a hot Bunsen flame until it goes black all over. 
Allow the foil to cool (this will only take a minute or so) and weigh it again. 

æ Compare the mass of the black-coated copper with that of the original foil. 


1 At least three theories can be proposed for what happens to copper on 
heating. One theory says that it decomposes (splits up) on heating. Another 
theory suggests that soot from the flame is deposited on the copper. A third 
theory suggests that the copper combines with air to form a new substance. 
Which of these theories could account for your result? Explain your answer 
carefully. 


œ (b) Rub the foil gently with fine sandpaper to remove the black coat and 
expose the clean copper surface. Now weigh the foil for the third time. How 
æ does its mass now compare with that of the original foil? 


2 Can the result of this part of the investigation be explained by the soot 


“a theory, which suggests that something is deposited on the surface of the 
; copper and then rubbed off again? Give reasons for your answer. 


3 Can the result be explained by the theory that the copper has combined 
with air and some of the copper itself is part of the black coat? Give reasons 
for your answer. 


œ (c) Finally take the foil and fold it over as shown in Fig. 8.1. Press it flat with 
a Suitable hard object, so that it is folded tightly. Heat the folded foil until 
‘the outside is black, then allow it to cool. 

When it is cool, unfold it and examine the surface of the copper which was 

æ on the inside. 3 


4 Did the copper on the inside go black? Does this resu|t show that air is 
involved when copper turns black? 


8.5 
Combustion: 
early theory 


Air is a substance which we tend to take for granted. It is all around us and our life 
depends upon it, but we cannot see it. We live at the bottom of an ocean, called the 
Earth’s atmosphere. This ocean of invisible gas exerts a pressure of about 1 kg on 
each square centimetre of the Earth’s surface, yet we are not aware of any burden on 
our shoulders. We can feel the presence of the air when the wind blows, or when we ride 
a bicycle fast, but on the whole the air is an unobtrusive substance. Its importance in 
chemical reactions did not become clear until the late eighteenth century when 
scientists began to study the familiar process of combustion (burning). The 
discovery of the chemical composition of air was the turning point in the 
development of chemistry, and chemistry as an exact science really began at this 
point. 


The use of fire has always been of vital importance in the development of mankind. 
Early man found that he could keep himself warm with fire, and cook food to make it 
more pleasant to eat. Later it was found that by the use of fire, metals could be 
extracted from minerals and later still fire was used in the production of glass. It was 
known that fire could be used to bring about chemical changes, and yet the nature of 
fire itself was not understood. $ 
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Fig. 8.2 Burning 
magnesium in a bell jar 


Water 


Before burning 


In the earlier part of the eighteenth century, a theory emerged which said that when 
any substance was converted into an ash by heating, something was given off— 
presumably some kind of gas—leaving the ash behind. In modern language, we would 
call this process ‘decomposition’ and summarise it as: 


burning 


substance — ‘ash’ + ‘something given off” 


Now, before the eighteenth century, the sciences of physics and astronomy had 
made enormous progress because of the development of measurement as an aid in 
scientific investigations. The early alchemists had not thought it worthwhile to make 
measurements (e.g. of changes in mass or changes in volume) and had relied entirely 
on what they could see happening, but in the eighteenth century the idea of measuring 
things in chemistry caught on. As a result certain facts emerged which were hard to 
explain by the idea of burning as decomposition. The decomposition theory suggested 
that the ash should have a smaller mass than the original substance. Also, on burning 
in a closed container an increase in volume should be observed (measuring the 
volume at the original pressure) owing to a gas being given off. When measurements 
were made, the facts were found to contradict both of these suggestions. 


If magnesium ribbon is heated in a crucible with a loosely-fitting lid (Investigation 
8.1) it burns to a white ash. This ash is found to have a greater mass than the original 
magnesium. Copper, on heating in air, turns black on the surface (Investigation 8.3). 
In this case there are no flames to indicate that the copper is burning but again an 
increase in mass is found, 

Experiments can be done in which these, and other, elements are burned or heated 
in a confined volume of air. Magnesium can be burned inside a bell jar over water 
(Fig. 8.2). A coil of magnesium ribbon floats in a basin inside the bell jar. Its end is 
ignited by a taper inserted through the neck of the jar, then the stopper is quickly 
replaced. 


White ash 
and unburnt 
magnesium 


During burning After burning 


During the burning the water level inside the jar falls, because the intense heat 
generated by the burning magnesium causes the air in the bell jar to expand. After a 
short time the magnesium stops burning and the water level inside the jar rises, 
showing that some air has been used up during the combustion. 

The extent of the rise in water level corresponds to about one fifth of the original 
volume of air inside the jar. Note that some unburnt magnesium still remains in the 
basin, showing that the combustion did not stop because the supply of magnesium ran 
out. 
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i Fig. 8.3 Heating copper 


in air 


—— Hung ona 
balance 


Open ended 
glass jar 


Sodium 
hydroxide 


Calcium 
oxide 


Gauze 


Candle 


Cork with 
holes 
through it 
Fig.' 8.4 Showing that 
there is an increase in 

mass when a candle burns 


-put out, showing that the ‘air’ remaining in the jar will not support combustion. Thus 


BSS 


Ifthe stopper is removed, a burning splint inserted through the neck is immedia 


the magnesium went out because something in the air was used up. 3 
A second experiment, with copper, can be done using gas syringes (Fig. 8.3). 
hard glass tube contains clean copper turnings or very small pieces of copper wire, h 
in place by pieces of glass rod which fit loosely inside each end of the tube. One of 

syringes contains a known volume of air, say 100 cm’. 


8.7 
The discovery of 


Air Copper metal 


The copper is heated strongly at point A while the syringes are pushed backwards 
and forwards a few times. The copper in the region of A turns black on its surface and 
the volume of air in the apparatus decreases. After cooling, it is found that the volume 
of ‘air’ remaining is about 80 cm’. If the copper is heated again, at point B, it does not 
go black in that region and no further decrease of ‘air’ volume occurs when the syrin 
are pushed backwards and forwards. This experiment shows that the blackening 
copper occurs until something in the air (about one fifth of the original volume) is 
up. Thus even though the copper does not appear to be burning it is using up the same 
proportion of the air as the magnesium does when it burns. 

It might be argued that these results are all very well when the substance turns to an 
ash on heating in air, but what about when a substance ‘burns away completely’, likea 
candle? At first sight, it does not seem to make sense to claim that a candle gains masg 
when it burns, but experiments may easily be done to show that this is the case. 

For example, when a candle is burned over water in a bell jar the water level inside 
the jar drops slightly, owing to the expansion of the air caused by the heat produced, 
After a while the candle goes out, but the water level inside the jar rises only slightly 
above the original level. It can also be observed that a mist or condensation has 
collected on the upper part of the wall of the jar. A burning splint inserted through the 
neck of the jar is put out showing that the remaining ‘air’ will not support combustion, 
This shows that the something in air has been used up, even though hardly any) 
reduction in volume has been observed. The answer to this problem is that the candle, 
on burning, produces a gas as one of its combustion products, and this gas almost 


Fig. 8.5 Joseph Priestley j 
(1733-1804). Courtesy 
The Science Museum) 


Fig. 8.6 Some of the 
apparatus which was used 


takes the place of the part of the air which is used up when the candle burns. H J ose ey 
Candle wax is a hydrocarbon (a compound of carbon and hydrogen) and on Prete The Sais 
Museum 


combustion the products are carbon dioxide and steam (hence the condensatiot 

observed in the bell jar). When a candle is burned in the open air both these products 
escape into the atmosphere, but ifit can be arranged so that these products are trapped 
then the increase in mass can be demonstrated. Fig. 8.4 shows an apparatus which 
can be used for this. 

A glass chimney, with a candle mounted in the bottom, contains lumps of calcium! 

oxide to absorb the water vapour and sticks of sodium hydroxide to absorb the: 
carbon dioxide gas. The whole apparatus is put on a balance. After lighting thé 
candle, the balance shows an increase in mass, This result indicates that the burni 
candle does involve combination with air, just as the burning of magnesium involve 
combination with air. 

It can be shown that when any substance burns in air there is an increase in mass, 
provided the products (which may be gases) are collected. It can also be shown that 
combustion always stops when about one fifth of the air available has been used up, nO 
matter what substance is being burned. j 
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The nature of the ‘something used up’ in combustion was first discovered by , 
experiments carried out near the end of the eighteenth cenir; as described in the next 


section. 


The key figure in this story is Joseph Priestley who was born in 1733 at Fieldhead, near 
Leeds. After attending Batley Grammar School, he studied theology and became a 
minister of the church, Like many clergymen in those days he became interested in ~ 
science, and in 1767, on moving back to Leeds, he found himself living next to a 
brewery. He noticed that during the process of fermentation/a gas was given off (we 
know this to be carbon dioxide). This aroused a particular interest if gases‘as a result 
of which he invented soda-water (a solution of carbon dioxide in/water, which, with 
added flavouring and sugar, is lemonade). Priestley did not have much money and so 
shortly after doing the experiments with carbon dioxide he was sponsored’ in his 
researches by the Earl of Shelburne—later to become Prime Minister. 

It was in Shelburne’s country mansion near Calne, in Wiltshire, that Priestley 
carried out the experiment which sealed his name for ever in the history of chemistry. 


In 1774 Priestley was given a large convex lens (30 cm diameter), or-burning glass! 
by means of which the sun’s rays could be focused to produce intense heat (the Bunsen 
burner had not yet been invented). With this device he started to examine the action 
of heat on many substances. % : ei 

One of these substances was an orange powder, calcined mercury* (or, as it is 
called now, mercury (II) oxide.) On August Ist, 1774, he heated this substance with 
his burning glass and obtained from it a gas. In Priestley’s own words, Ww hat 
surprised me more than I can well express, was, that a candle burned in this air’ (as he 
called it) ‘with a remarkablyvigorous flame. . . I was utterly at a loss how to account 
for it’. Later he tried breathing thé air and noted that his ‘breast felt peculiarly light 
and easy for some time afterwards’. He recommended its use in medicine—as,. 
indeed, it is now used in the treatment of pneumonia, for example. 


* ‘Mercurius calcinatus per se’ meaning mercurytheated by itself. 
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Fig. 8.8 Lavoisier’s 
apparatus 


Fig. 8.9 Lavoisier’s 
apparatus for heating 


Science Museum) 


Fig. 8.7 A portrait of 
Lavoisier (Courtesy Mary 
Evans Picture Library) 


mercury. (Courtesy The 


The gas which Priestley discovered was oxygen, the component of air which 
combines with substances when they burn and which is therefore present, in combined 
form, in ashes (oxides). Priestley’s experiment involved the decomposition of mercu: 
oxide into the elements it is made up of: 4 


mercury oxide —> mercury + oxygen 
2Hg0(s) > Hel) + O,(g) 


This experiment is easily demonstrated, but it must be done in a fume cupboard as 
mercury vapour is very poisonous. If a little mercury(II) oxide (orange powder) is 
heated in a test-tube, it first darkens and then silvery-grey globules of liquid mercury 
start to condense on the upper part of the test-tube. If, at this point, a glowing wooden 
splint is inserted into the test-tube it is rekindled and burns briefly with a very bright 
flame. The rekindling of a glowing splint is the usual test for oxygen gas, which is a far 
better supporter of combustion than ordinary air. i 


Although Priestley is usually credited with the discovery of oxygen, he did not 
realise all that is results could tell us about combustion. The credit for the 
interpretation of Priestley’s experiment must go to the brilli i 
reste Ale Eman pi go to the brilliant French chemist, 

Lavoisier was born in Paris in 1743, the son ofa weal! i i 

J r was F thy aristocrat. In 1774 Priestl 
visited Paris with Shelburne and had dinner with Lavoisier. Priestley described his 
experiment whereupon, in Priestley’s own words, ‘all the company, and Mr and Mrs 
Lavoisier as much as any, expressed great surprise’. Lavoisier was quick to see the 
importance of Priestley’s result and repeated the experiment for himself, Eventually, 


in 1777, he presented to the Academy in Paris a memoir describing the experiment for 8.8 
which he is most famous. The composition 
of air 
Bell jar 
Air volume 
Raton decreasing 
Mercury forming 
a calx on its yr- 
surface 
Furnace Mercury 
8.9 
Industrial 
preparation of 
3 oxygen 
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Lavoisier used the apparatus shown, in simplified form, in Fig. 8.8. A known mass 
of mercury was placed in a retort (mounted on a furnace) whose neck led into a 
known volume of air trapped in a bell jar over mercury.* The retort was heated with 
the furnace to just below the boiling point of mercury. As the reaction proceeded a 
layer of calx (mercury oxide) gradually accumulated on the surface. After twelve 
days heating the layer no longer increased in size; the apparatus was allowed to cool 
and the volume of air in the bell jar was found to have decreased by nearly one fifth. 
The remaining air in the bell jar would not support combustion. 

The layer of calx (mercury oxide) was collected and then heated strongly. It turned 
back into mercury (as in Priestley’s experiment), giving off a gas whose volume was 
equal to the volume of air absorbed during the original heating. Lavoisier confirmed 
Priestley’s comments, noting that the gas was much more capable of supporting 
respiration and combustion than ordinary air, He named it oxygen which was derived 
from the Greek words for ‘sour’ and ‘I produce’, as he observed that the products of 
burning substances in the gas were often acidic. 

The air remaining in the bell jar he called azote (meaning that it would not support 
life) but later it was given its present name, nitrogen. Lavoisier also noted that when 
the oxygen given off by heating the mercury calx was mixed with the azote remaining 
in the bell jar, the resulting gas had all the properties of ordinary air. The clear 
conclusion was that air is a mixture of two gases, one of which (oxygen) is used up in 
combustion, while the other gas (nitrogen) takes no part in the process. 


Experiments such as those using copper and magnesium which were described in 8.6, 
show that the proportion of oxygen in the air is about one fifth. 

The normal composition of dry air (i.e. air from which water vapour has been 
removed) is by volume: 


oxygen 21% 
nitrogen 78% 
other gases % 


The other gases are, like nitrogen, unreactive; the major part of the 1 % consists of 
argon, one of the noble gases. Very small amounts of other noble gases (neon, 
krypton, helium) are present and also a little carbon dioxide. The composition of air 
is fairly constant from place to place, though it does vary with altitude. 

A question which is sometimes asked is— ‘Is air just a mixture of these gases or isit a 
compound of them?’ The evidence is clear that air is simply a mixture, for the 
following reasons: 

(a) The composition of air does vary slightly from place to place, and with altitude. 

(b) The composition of air, expressed in moles (4.10 and 5.9), does not correspond 
to any simple chemical formula. 

(c) The component gases of air can be mixed together in the appropriate 
proportions to form a mixture which has all the properties of ordinary air, During 
this mixing there is no evidence of chemical action, ¢.g. volume change or evolution of 
heat. 

(d) The components of air can be separated from one another by purely physical 
processes, such as the distillation of liquid air (see the next section). 


Pure oxygen is an important industrial material. It is prepared directly from the 
air because the substances present in the air have different boiling points. 
The boiling points (at atmospheric pressure) of oxygen and nitrogen are — 183°C and 
— 196°C respectively. j 


* The mercury in the trough played no part in the chemical reaction; in those days chemists 
often collected gases over mercury rather than over water. This would be too expensive today! 
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/ Fig. 8.10 A road tanken 


Jiling up wun uquia i pressure (over 1UU atmospheres) and then the liquid air is allowed to evaporate ma 
i} oxygen. (Courtesy British carefully controlled way so that the nitrogen and oxygen are separated. Nitrogen, 
|| + Oxygen Company Ltd) having the lower boiling point, evaporates first. The separated gases are stored under 


pressure in steel cylinders, although some oxygen and nitrogen are transported as 
liquids in refrigerated tankers. 
Liquid nitrogen is particularly useful in the food industry where it can be sprayed 


Fig. 8.11 Liquid nitrogen 
(b.p.—196°C) is used 


Sor rapid food freezing. directly on to food. This results in very rapid freezing which does less damage to the 
The photograph shows food and preserves its flavour and texture. Excess nitrogen evaporates into the 
prepared food being put atmosphere and because it is chemically inert there are no health or fire hazards. 

into a nitrogen food Pure oxygen has many uses, but by far the largestis in the steel industry. The pig iron 
Sreezing cabinet. produced by reduction of the iron ore in the blast furnace (24.9) contains too much 
(Courtesy British Oxygen carbon and other impurities which make the iron brittle. These impurities are 
Company Ltd) removed by burning them out of the molten iron with a controlled blast of oxygen. 


Oxygen is also used in welding and cutting metals (e.g. the oxy-acetylene torch, 
31.12), in medicine to help patients breathe, in rocket fuels and as a starting materi 
in many industrial chemical processes. In all these, it behaves as it would in air, but, 
because it is not mixed with nitrogen, it works faster. 


Fig. 8.12 An important 
use of oxygen is in 
resuscitation. (Courtesy 
British Oxygen Company 
Ltd) 


8.10 The preparation of oxygen by heating mercury(II) oxide (as done by Priestley and 
Lavoisier) is not convenient because it is very expensive and the mercury vapour which 
is also produced is very poisonous. 


Laboratory 
preparation of 
oxygen 

Hydrogen 


peroxide 
solution 


Hi Fig. 8.13 
MA Preparation 
of oxygen 


Solid 
manganese(IV) 
oxide 


Air, after being freed from dust and water vapour, iš liquefied by cooling under _ 


8.11 
Properties of 
oxygen 


The safest way of preparing a reasonable quantity of oxygen in a laboratory is by the 
catalytic decomposition of hydrogen peroxide solution. The apparatus is shown’ in 
Fig. 8.13. Hydrogen peroxide decomposes according to the equation: 


2H,0,(aq) > 2H,O0(1) + O,(g) 


The aqueous solution is fairly stable at room temperature, but the decomposition 
can be speeded up by the use of a catalyst. This is a substance which increases the rate 
of a chemical reaction but can be recovered unchanged at the end. Manganese(IV) 
oxide is a suitable catalyst for this reaction. A few grams of this solid (the amount is not 
critical) is placed in the flask and hydrogen peroxide solution is dropped on to it from 
the tap funnel. Immediate effervescence occurs, and the rate of oxygen production is 
controlled by the rate of addition of the hydrogen peroxide solution. The hydrogen 
peroxide solution usually used is of 20 volume concentration which means that 1 
volume of the solution, on decomposition, produces about 20 volumes of oxygen gas 
measured at s.t.p. Thus about 1 dm? of oxygen is obtained from 50 cm? of 20 vol 
hydrogen peroxide solution. The catalyst, manganese(IV) oxide, is not used up in the 
reaction, and so addition of hydrogen peroxide solution can be continued indefinitely. 


As you cannot see or smell air, it follows that oxygen is a colourless odourless gas. As 
previously mentioned, it forms about one fifth of the volume of air and it has about the 
same density as air. 

It is neutral to moist litmus and not very soluble in water (1 dm? of water dissolves 
about 40 cm? of oxygen at room temperature and pressure). 

Pure oxygen is an excellent supporter of combustion and will rekindle a glowing 
wood splint, this being the usual laboratory test for the gas. Most elements will 
combine directly with oxygen (though not usually at room temperature) to form 
oxides. This process is called oxidation and is discussed in detail in Chapter 21. 

The behaviour of oxides when treated with water is important, since it forms part 
of the basis for the classification of elements as metals or non-metals. More is said 
about this in Chapter 11. Briefly, the metal oxides which are soluble form solutions 
which turn litmus blue and are therefore alkaline (e.g. sodium, potassium and 
calcium), The non-metal oxides which are soluble form solutions which turn litmus 
red and are therefore acidic (e.g. carbon, sulphur and phosphorus). 

Many metal oxides are however insoluble in water and do not react with it to form 
an alkali. Nevertheless most of them are basic in character (11.10). 


1. When substances burn in air they gain in mass and about one fifth of the air is used 
up. The remaining ‘air’ will not support combustion. 

2. Air consists of about one fifth oxygen, which combines with substances when they 
burn, and about four fifths nitrogen (and traces of other gases) which does not take 
part in combnastion. Air is a mixture, but its composition is fairly constant from 
place to place. 

3. Oxygen is prepared industrially from liquid air. Its main use is in the steel industry. 

4. Oxygen may conveniently be prepared in the laboratory by the catalytic 
decomposition of hydrogen peroxide solutign. It is an excellent supporter of 
combustion and will rekindle æ glowing splint. 

5. Oxides of metals often show basic properties and oxides of non-metals often show 
acidic properties. 
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Chapter 9 


Question 


Investigation 
9.2 


Fig. 9.1 The rusting of bung 
iron 
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œ Place about one spatula-full of iron filings ona 


Cotton wool — 
Drying agent 


Air: burning, breathing and rusting 


Is there a change in mass when iron rusts? 


Watchglass or in a small basin 
and then weigh the container with the filings. Add enough water to wet the 
filings thoroughly and then leave them to stand for several days. 

When the iron has rusted, and any excess water has evaporated, weigh the 
container and filings again. 

Record your results and note how the mass of the rusted filings compares 


æ to that of the clean iron filings at the beginning. 


Does the result of your investigation indicate that rusting is a decomposition 
(splitting up) process or a process in which iron combines with something? 


Under what conditions does iron rust? 


The aim of this investigation is to find out if rusting is caused by water alone, 
or air alone, or if both air and water are required. 


œ You will need four clean iron nails, four clean test-tubes (one of them dry), 


and a cork to fit the dry tube. 


Rubber 


Tap water 


Cotton wool 
E Moist sand 
A B 


D 


Set up the tubes as shown in Fig. 9.1. Put a few lumps of anhydrous calcium 
chloride (a good drying agent which absorbs water vapour from the 
atmosphere) in the bottom of tube A (the dry one), then a láyer of cotton 
wool, then the nail and then close the tube with the cork. 

Take some pure water in tube B and boil it for one minute to drive off any 
dissolved air. Then drop in the nail and seal the water surface with wax to 
keep the air out. Vaseline can be used ora piece of candle wax can be floated 
on the surface of the water and heated at the side of the tube with a low 
Bunsen flame until it melts. When the tube cools, the wax solidifies. 

Put about 2 cm depth of sand in tube C, add enough water to soak it 
thoroughly, then add a layer of cotton wool and drop the nail on top. 
Put some ordinary tap water in tube D and just drop the nail in. Leave all 


the eg: for several days and then examine them to see which nails have 
rusted. 


Questions 


Set out the results in a table: 


Air present Water present Does iron rust? 


1 What substances must be present for iron to rust? 
2 Why can iron be prevented from rusting by painting it? 


9.3 
Fuels and the 
control of fire 


Fig. 9.2 Bunsen burner 


Chimney 


Collar 


Jet +— Air holes 


Gas 


Fig. 9.3 Bunsen flame 


(*— Outer cone 
_- Hottest point 
~ Inner cone 
ka 


| ~ Cold region 


Fire is both our friend and our enemy. In the right place, under control, it warms our 
houses, cooks our food, drives generators to produce electricity and runs motor vehicles 
and other machines. In the wrong place, out of control, it destroys land and property 
and kills people. 

The fuels which we commonly use for producing heat by controlled combustion are 
wodd, coal, coal gas or natural gas, and the various petroleum products such as oil, 
petrol and paraffin, These substances are all of organic origin (i.e. derived from living 
matter) and are mainly hydrocarbons. Some further discussion of these fuels can be 
found in Chapters 28 and 31. They burn to produce carbon dioxide (gas) and water 
vapour: 


hydrocarbon 
(fuel) 


The production of carbon dioxide and water when a hydrocarbon fuel burns is easily 
shown by holding an inverted gas jar for a few seconds over a burning candle, or a 
Bunsen burner with a small flame. Condensation appears in the jar, showing the 
formation of water. Ifa little lime water is then added to the jar and shaken up it turns 
milky, showing the presence of carbon dioxide (carbon dioxide is the only gas which 
turns lime water milky, 28.13). 

A lot of energy, in the form of heat, is given out when something burns, In order to 
use this energy efficiently, we must try to burn the fuel completely and rapidly so that 
a high temperature is produced. To do this we need a good supply of oxygen, and this 
is where careful design of the burner is important. This can be illustrated by 
corisidering the construction of the familiar piece of laboratory apparatus, the 
Bunsen burner. 

The Bunsen burner, developed around 1855 by the German chemist Robert Wilhelm 
Bunsen and almost unchanged in design since then, is shown in Fig. 9.2. The chimney 
has holes near the base and a rotating collar (or sleeve) which has matching holes. 
When the collar is rotated the entry of the air at the base of the chimney can be 
controlled. If we light the burner with the air holes closed, we get a yellow, luminous 
flame which is not very hot and deposits particles of unburnt carbon as soot on a cold 
surface held in the flame. Under these conditions we are simply burning the gas at the 
end of a tube, and clearly the combustion is inefficient and does not produce a high 
temperature. 

If we now open the air holes, the character of the flame changes considerably. It 
becomes blue, non-luminous and much hotter, and it will in fact burn off the soot 
produced by the luminous flame. 

What causes the difference between the two flames? It is simply the fact that with the 
air holes open, the gas rushing through the narrow jet at the base of the chimney draws 
air in through the air holes. What emerges at the top of the chimney is a mixture of gas 


oxygen 


3 — carbon dioxide 
(from air) 


+ water 
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Miniature 
flame 


Glass tube 


Fig. 9.5 The two steps in 

putting out a chip pan fire 

(a) removing the source of 
heat by turning off the gas 
supply, and 


(b) cutting off the supply 
of air by placing a lid on 
the pan. (Both photos 
courtesy the London Fire 
Brigade Photographic 
Service) 


\ 


and air instead of pure gas. Combustion is then much faster (which is why the flame 
becomes smaller with the air holes open) and a much higher temperature is produced. 

The overall appearance of the blue, non-luminous flame is shown in Fig. 9.3. The 
pale blue line separating the inner and outer cones is the flame-front, where 
combustion begins. Below the flame-front, inside the inner cone, is a cold region 
containing unburnt gas and air. If the lower end ofa glass tube is held inside the inner 
cone, as shown in Fig. 9.4, and a light is applied to the upper end of the tube, a perfect 
miniature version of the blue flame burns at the end of the tube, as shown in the 
diagram. The hottest point in the Bunsen flame is the point just above the inner cone, 
close to the tip of the flame-front. The temperature at this point is greater than 
1100°C. 

All domestic gas-burning appliances, such as gas fires and gas cookers, have air-inlet 
holes in the gas pipe leading to the burners. When a gas cooker is partly dismantled for 
cleaning it may be possible to see the air holes, somewhere between the control-knob 
and the burner. If the air holes were not there the gas would burn with a yellow flame 
which would deposit soot and would not produce a high temperature. f 

In a device such as a motor-car engine the petrol must be mixed with air before it 
enters the cylinders, otherwise combustion would not be possible. The carburettor in 
the motor-car engine is equivalent to the air hole in the Bunsen burner or gas cooker. 


In the carburettor, petrol (a volatile liquid) is forced through a narrow jet, so that it 
becomes mixed with air while, at the same time, vaporizing. The resulting mixture of 
air and petrol vapour then passes into the cylinders where it is ignited by sparks from 
the sparking plugs. 

_ We have discussed so far how fire can be harnessed usefully; what about the other 
side of the coin? Fire can occur where it is not wanted, and then it is disastrous. As 
pointed out earlier; organic substances based on the elements carbon and hydrogen are 
used as fuels. However, vegetation is also obviously organic, and substances which we 
use for furnishing and decorating our homes—wood, carpets, curtains and chair 
coverings—are frequently organic in origin; even plastics are made up mainly of 
carbon and hydrogen. All these substances can Burn and can become fuels by 
accident. If fire occurs where it is not wanted, then the problem is how to put it out. 

We have seen that in ordef to achieve efficient combustion we need a good supply of 
oxygen from the air and thus, in order to stop unwanted combustion, we must restrict 
the air supply as far as possible. Ifa person gets his clothes on fire, the usual remedy is to 
roll him up ina blanket or rug, and, if a chip-pan catches fire, you cover it with a lid or 
damp towel. These methods prevent air getting to the fire and it is extinguished. The 
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9.4 
Respiration and 
fuels for living 


TABLE 9.1. Typical 
composition (by volume) 
of inhaled and exhaled 
air 


carbon dioxide fire extinguisher works in a similar way, displacing air and replacing it 
by a gas which will not support combustion. y 

Obviously, if a whole building is on fire, a different method has to be used. In this 
case the usual procedure is to spray water on the fire. This has two effects; first the 
water turns to steam, which displaces air from the fire, and, secondly, the temperature 
of the combustible materials is lowered. If the temperature drops below a certain 
point, the fire cannot continue, since most substances fortunately will only combine 
with oxygen at a fairly high temperature. When firemen refer to a fire as having been 
brought under control they do not mean that it is actually put out; they mean that 
they have reduced the temperature to the point where the fire is no longer growing. 
The fire is then no longer capable of keeping itself going and it is only a matter of time 
before it is extinguished. à 

A lot ofresearch has been, and is still being, done on fire-proofing materials so that 
they will not readily burn. This type of research is very important, since it is obviously 
better to prevent fire than to have to put it out once it has started. 


Human beings, like all animals, have to eat food to live. Food is the fuel on which the 
body runs. The overall complex series of processes by which food is consumed and 
used by the body is called metabolism. Food is required for growth and to replace 
body tissue. It also provides energy which enables the muscles to work and energy (as 
heat) to maintain the body temperature at about 37°C (for human beings), a 
temperature considerably higher than the normal surrounding temperature. 

The first stage of metabolism is digestion of the food in the stomach. As a result of this 
process, the main energy-source in food—carbohydrate—is converted into glucose, a 
type of sugar, which passes round the blood stream and is deposited in the body tissues. 
This glucose provides the body’s energy—but how? It was Lavoisier who first 
suggested the answer. He showed, as described in the previous chapter, that 
combustion of substances involves their combination with oxygen from the air. At the 
time it was already well known that human beings and other animals require air to 
live, and Lavoisier suggested that life itselfis a chemical process in which oxygen taken 
in by the process of breathing is used to oxidise food and thus produce energy. 

The process by which oxygen is used by the body is known as respiration, and 
Lavoisier was the first person to make measurements on the respiration in human 
beings. During the process, oxygen is taken in by the lungs, circulates in the blood- 
stream through the body, and combines with the glucose in the body tissues. The 
glucose is oxidised to carbon dioxide and water, energy being released during the 


process: 
C,H,,0, + 60, + 6CO, + 6H,O + energy 
glucose 


Asa result of this the air which we breathe out (exhale) contains less oxygen, and more 
carbon dioxide, than the air we breathe in (inhale), Table 9.1. 


INHALED 
(NORMAL) AIR 


nitrogen f % 78% 
oxygen 1% 16% A 
carbon dioxide 0-03% 4% f 


| EXHALED AIR 


It can easily be shown that exhaled air contains more carbon dioxide. The test for 
this gas is that it turns lime water milky (28.13). If you breathe gently into a test-tube 
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___ Deflagrating 
spoon 


_~ Sugar 


Fig. 9.6 Burning a food- 
substance 


Fig. 9.7 An area of 
Middlesbrough before and 
after the introduction of 
smoke control. (Courtesy 
Dept. of Planning, 
Cleveland County 
Council) 


containing a little lime water and then close the end of the tube and shake it vigorously, 
the lime water sooh goes milky. Lime water can be shaken with ordinary air for several 
minutes without going milky. gine veka 
The behaviour of food as a fuel may be shown by actually burning it. A gas jar (Fig. 
9.6) is filled with oxygen, then a little sugar is heated on a deflagrating spoon until it 
catches fire and lowered into the jar. The sugar burns well, producing condensation 
(water) on the wall of the jar. Ifa little lime water is then added to the jar and shaken it 
turns milky, showing that carbon dioxide has been formed. The experiment can also be 
done using other foods such as bread, which is rich in carbohydrate. ’ i 
It has been shown experimentally that although the oxidation of food in the body isa 
very slow and steady process compared to actually burning it (as above), the total 
quantity of energy liberated from a given mass of carbohydrate is almost the same in 
both processes. This means that the energy content, or calorific value, of foods 
can be found in the laboratory by burning them in a calorimeter. The results of 
such experiments are very important in the study of nutrition, in which people’s food 
requirements are investigated. In these days, when many people in the world are 
starving while others are dying from diseases caused by over-eating, the study of 
nutrition is of great social importance. 3 
It is of interest to note the quantity of energy required by a human being. A 
moderately active young person requires a daily energy intake of something like 
12000 kJ (1 kiloJoule is roughly the work done in lifting a 100 kg (220 lb) mass 1 metre 
off the ground). This quantity is equivalent to the energy given off when about 700 g of 
sugar is burned. This energy would keep a 1 kW (l-bar) electric fire burning for about 
3 hours, or, if converted completely into mechanical work, would lift a 100 ton mass (a 
large railway engine) about 10 metres off the ground. 

It should. be pointed out that, although food is a fuel, not all fuels can be used as 
foods. It must be remembered that before the energy in food can be used in the body 
the food must first be digested. Wood, for example, is a good fuel, but we could not live 
by eating sawdust because the carbohydrate in wood is mainly in the form of cellulose, 
a substance which cannot be digested by the human stomach. ; kep 

It might appear that, because of the carbon dioxide liberated during the respiration 
of humans and animals, the carbon dioxide content of the atmosphere would steadily 
increase. This does not happen because the carbon dioxide is used by plants in their 
production of carbohydrates by photosynthesis. This process is discussed in 23.14 and 


28.8. 


9.5 


Pollution of air 


Burning coal (66%) 


sey 
spr 


a Burning oil 


products (20%) | 


/ 


A 


a» 
ae 


Reduction bf metal 
ores and the 
manufacture of 
sulphuric acid 


Fig. 9.8 The major 
‘sources of man-made 
Sulphur dioxide which 
escapes into the atmosphere 


If we consider our bodies to be machines which require air in order to work, then they 
will only work smoothly when the air is pure and contains nothing which spoils the 
machine. In modern life, however, we insist on pouring into the air substances which 
make it impure and which may hinder the smooth working of our bodies. 

Air pollution is principally caused by the fuels we burn to set free energy. Every year 
the atmosphere over Britain is contaminated by 1-5 million tonnes of smoke which 
consists of fine solid particles, drifting about in the air and finally being deposited 
somewhere. If they settle on buildings, the stonework is turned black and ugly, and, if 
they pass into the lungs, they can cause bronchitis. If the smoke particles become 
trapped in droplets of water in a fog, a smog is formed and the atmosphere becomes 
harmful to people with chest diseases. } 

In 1956 the British Government introduced an Act of Parliament to control the 
amount of smoke in the air and at the present time the quantity has fallen to half what 
it was in 1954. The Act allows only smokeless fuels to be burnt in certain areas and by 
the middle of the 1980s smoke pollution will have been largely eliminated. Industry 
has also played its part by the careful design of chimneys so that fuels are burnt more 
efficiently. The replacement of steam locomotives on the railways by diesel and 
electric engines has removed another major source of smoke. 

Another major cause of air pollution does not, however, alter with a change of fuel. 
Whenever we burn coal, coke or fuel oil, we pour into the atmosphere sulphur 
dioxide which is made from the sulphur in the fuel, On average, 54 million tonnes are 
discharged into the air over the United Kingdom every year. The world figure is 
about 150 million tonnes per year, two thirds of which results from the burning of 
coal (Fig. 9.8). The.amount of sulphur dioxide escaping from chemical processes 
such as the Contact Process for making sulphuric acid (27.20) has been reduced by up 
to 75% in recent years by technical improvements. 

Sulphur dioxide dissolves in water forming an acidic solution, and, together with 
smoke, it can cause diseases of the lungs. Its solution in rain water corrodes stonework, 
particularly in old buildings, but the main effect of the gas is that it is poisonous to 
plants (27.17). The problem of removing the sulphur dioxide from the gases formed by 
burning fuels has not been fully solved. Some of it is sometimes washed from the gases 
before they pass through the furnace chimney. The main method of reducing the effect 

of the rest is to discharge it into the air through tall chimneys so that the gases are 
spread over a large area. Probably the only satisfactory way of removing this major 
pollutant would be a changeover from the burning of fossil fuels to nuclear fuels as the 
main source of energy, but that could bring other problems. 

Internal combustion engines, like those of motor cars, cause air pollution in a 
number of ways and motor vehicles are now responsible for 60 per cent of the 
impurities in the air. Car engines do not burn petrol or diesel fuel completely and the 
partly burnt gases are given out through the exhausts. Complete combustion of the 
hydrocarbons in the fuel would give carbon dioxide, 


e.g. CyAis(g) +1240,(g) > 8CO,(g) + 9H,O(g) 


but partial oxidation produces carbon monoxide which is poisonous because it 
prevents the blood carrying oxygen. On the open road the carbon monoxide will 
rapidly diffuse and will cause no harm, but in congested streets in heavy traffic the level 
of the gas can increase towards the danger limit, Because of the limited efficiency of the 
motor-car engine which causes the formation of the carbon monoxide, some of the 
hydrocarbons in the fuel escape combustiori altogether and are also contained in the 
exhaust gases. Such compounds are not harmful to health, but they are a nuisance 
because of their smell. 

Car engines have sparking plugs which ignite the mixture of air and petrol vapour, 
and surprisingly they are also a cause of impurities in the air, The air contains nitrogen 
and oxygen and the action of an electrical spark causes them to combine together to 
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9.6 
Respiration of 
water creatures 


foim nitrogen monoxide: 
N,(g) + O.(g) > 2NO(g) 
When this is discharged into the air, it combines with oxygen, forming nitrogen 
dioxide: 
2NO(g) + O,(g) > 2NO,(g) 


This gas can cause damage to the lungs, but usually the amounts produced are small 
and the compound either diffuses away or is dissolved in rainwater before it can do 
much harm. Experiments have been carried out to make the nitrogen monoxide and 
the carbon monoxide in the exhaust gases react in the presence of a catalyst in the 
exhaust system, forming non-polluting carbon dioxide and nitrogen, 


CO(g) + NO(g) = Na(g) + CO,(g) 
but this has not yet proved of practical use. 43 


A much more dangerous pollutant comes from the petrol. In order to prevent the | 
engine ‘knocking’ (in which the mixture of air and petrol vapour explodes on 
compression before the spark is passed, causing the engine to work less efficiently) a 
compound of lead, tetraethy! lead, is added to the petrol. This, by itself, would cause — 
lead to be deposited on the walls of the cylinders and so another compound, — 
dibromoethane, is also added. The effect of this is to cause the lead to be lost from 
the engine in the exhaust fumes. Once it has been taken into the body, lead remains in 
the tissues until the level rises to the danger point when it can cause brain damage and 
even death. Although the amounts passed into the air by petrol exhausts are small, 7 
there have been reports that they are causing some harm, particularly to young © 
children. Certainly lead compounds from this source have been shown to cause the ~ 
death of plants on roadside verges. E 

Just as it is possible to judge how polluted a sample of water is by seeing what 7 
creatures live in it, the level of air pollution can be estimated by studying the ~ 
occurrence of plants called lichens. These crust-like growths look more dead than — 
alive, although they often have pleasing colours and were used as sources of dyes. They 
will only exist when the air pollution is low and so they are more frequently found in — 
country districts where the air is purer. 7 


When life first emerged on earth, millions of years ago, it did so in the sea. A 
The mammals, living on land, developed much later. Marine and river life is still 
of great importance in the balance of nature, and water creatures, like land 
creatures, need oxygen to convert their food into energy and so live. Whereas land 
creatures absorb oxygen from the air using their lungs, water creatures absorb $ 
dissolved oxygen from the water using gills. ‘ 

The presence of dissolved air in a sample of water obtained either from a tap or from ~ 4 
some natural source such as a river, can be shown experimentally, using the apparatus Bel: 
in Fig. 9.9. The round flask is filled with water by connecting the rubber tube (shown A 
clipped in the diagram) to the tap. Water is allowed to run into the flask until both the i 
flask and the delivery tube are completely full, and the rubber tube is then closed with 
a clip. A graduated tube is filled with water and inverted over the delivery tube. When 
the flask is heated, air is expelled as the temperature of the water approaches its boiling 
point. When no more air collects in the graduated tube, heating is stopped. 7 

If a burning wood splint is put into the ‘boiled out’ air obtained from the water, 1 
will burn more brightly for an instant, showing that air dissolved in water is richer in 
oxygen than ordinary air. This is because the solubility of oxygen in water is about — 
twice that of nitrogen. Be 

The oxygen dissolved in natural water is vital for fish. It enters the water at thi 
surface, where air is present, and is also given off by water plants during the pro 
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Fig. 9.9 Showing that air 
is dissolved in tap water 
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Air and the 
rusting of iron 
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process of rusting, which, if left unchecked, results in the eventual disint Ja: i 
the metal, costs the world hundreds of millions of pounds per year i Rete 
Let us consider what happens when iron rusts. If we did not know that i 
element, we might think that rusting is a kind of decomposition. The use ihe bala as 
helps us here, just as it helped in sorting out what happens during combustio i 8.6). In 
Investigation 9.1 some iron filings were weighed, moistened with water ee ed k 
that rusting occurs most readily in damp conditions) and then left to nt. When 
thoroughly rusted (and dry) they were weighed again, and an increas er 
found. Thus rusting involves combination—but with what? Walai Da 
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Since it is now clear that air is involved in rusting, we should now do an experiment 
to see if air is used up when iron rusts. A suitable apparatus for this investigation is 
shown in Fig. 9.10. 

Some iron filings are sprinkled on the inside of a wet graduated tube, which is then 
inverted in a beaker of water. The volume of air inside the tube at the start of the 
investigation is noted. Over a period of a few days the water inside the tube rises, as 
the iron filings rust, showing that air is used up. The rise of the water level stops when 
the volume of the air in the tube has decreased by about one fifth. If a burning splint is 
put into the remaining air, its extinguished. These observations show that when iron 
rusts oxygen is used up and that rusting must be a kind of slow combustion which is 
aided by the presence f water. The brown substance, rust, is hydrated iron (III) 
oxide: Fe,O,.xH,O“where x is variable). 

Since rusting is an oxidation process, it is clear that in order to prevent rusting the 
surface of the iron must be protected from the air, and there are many ways of doing 
this. Tools and machinery can be smeared with oil or grease, and steel structures, such 
as bridges, can be painted. Sheet steel is often coated with a metal which is more 
resistant to corrosion. For example, it can be coated with a thin layer of zinc 

(galvanised) and it can be tin plated, as in the so-called tin cans used for storing foods. 
A more detailed treatment of the protection of iron by this method is given in 20.9. 
Another method which is sometimes used on mesh fencing and underground pipes is to 
coat the iron with plastic. 

A different approach is to blend the iron with other metals. By using certain metals, 
an alloy (24.11) can be formed, which is resistant to corrosion. The stainless steel 
which is used for cutlery and other kitchen utensils is an alloy of iron with chromium. 
Unfortunately, chromium is far too expensive for this method to be used on a large 
scale. 


1. Naturally occurring gas, oil, coal, wood and other substances are used as fuels. 
These substances are mainly hydrocarbons, and burn to form carbon dioxide and 
water. 

2. Fuel-burning devices such as the Bunsen burner must be designed so that a good air 
supply is available to oxidise the fuel efficiently and produce maximum heat. 

3. Unwanted fire may be put out by excluding air from the region of combustion 
and/or by lowering the temperature of the fuel. 

4, Food is the fuel on which the body runs. Oxygen is used up during respiration 
(breathing). The body’s energy is obtained from the oxidation of glucose produced 
by the digestion of food. 

5. The blood transports both glucose and oxygen around the body, and also transports 
carbon dioxide back to the lungs where it is exhaled. 

6. The main substances which cause air pollution are smoke, sulphur dioxide, carbon 
monoxide, oxides of nitrogen and lead compounds. 

7. Oxygen is slightly soluble in water (more so than nitrogen) and is essential for fish 
life. 

8. The rusting of iron is an oxidation process which occurs when both air and water 
are present. Rusting may be prevented by excluding air from the surface of the iron, 
e.g. by painting or galvanising. 
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Investigation 
10.1 


The action of calcium on water 


œ About half fill a beaker with water and add three calcium turnings. 
Completely fill a test-tube with water and, with your thumb over the 


Gas mouth, invert the tube and open it with its mouth under the water in the 
beaker. Hold the tube over the calcium turnings (Fig. 10.1) until it is filled 
with gas. 


Place your thumb over the end of the tube and i 
Open it near a Buns 
and note what happens. en flame 


When all the calcium has reacted with the water, stir the residue with a 
glass rod and then filter the mixture. 


æ Now using a drinking straw, blow into the filtrate. 


Water 


Calcium 
turnings 


Fig. 10.1 
a i RA 
uestions 1 Calcium is an element and so the gas which is given off could not have 
come from it. From which substance must the gas have come? 
2 In view of what happens when carbon dioxide is blown through the 
filtrate, what compound has been formed in solution? 
3 Which elements are contained in this compound? 
4 Therefore which elements do you think are contained in the water? 
Investigati 
D eann What happens when an electric current is passed 
. through water? 
~ You will need an electrolysis cell, with carbon electrodes, such as that shown 
in Fig. 10.2(a). 
Fig. 10.2(b) 
Fig 10.2(a) E 
Gas collecting 
Water + 


dilute sulphuric acid 


~ Water + 
dilute sulphuric acid 


Positive electrode Negative electrode 
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Pour some tap water into the cell and connect the carbon rods to a direct 
current power supply (about 6 volts). 

Then, without switching off the current, add some dilute sulphuric acid to 
the water and carefully observe what happens. 

Switch off the current. By means of a rubber teat completely fill a piece of 
glass tubing with water and place it over the carbon rod connected to the 
negative terminal of the electricity supply. Support the tube so that it covers 
about the top 1 cm of the rod (Fig. 10.2(b)). 

Switch on the current and when the tube is full of gas, remove it from the 
cell and test the gas with a lighted splint. 

In the same way collect a tube of the gas given off at the other carbon 

æ electrode (positive) and then insert into it a glowing splint. 


1 What gas is liberated at the cathode (negative electrode) ? 

2 What gas is liberated at the anode (positive electrode)? 

3 The mass of sulphuric acid in the cell does not change as the electric 
current passes. What, therefore, does'this experiment tell us about which 
elements are present in water? 


What number of moles of water is combined with one 
mole of copper(II) sulphate in crystals of the com- 
pound? 

When hydrated copper(I!) sulphate is heated, the water of crystallisation 
evaporates and the anhydrous compound is left. By determining the loss 
of mass in a sample of crystals, the number of moles of water driven off from 
one mole of anhydrous copper(I!) sulphate can be found. 


Weigh a crucible, first empty and then about three-quarters full of copper(I!) 
sulphate crystals. 
Place a pipeclay triangle on top of a tripod and then put the crucible into 
the pipeclay triangle. Heat the crucible with a Bunsen flame, gently at first 
and then a little more strongly. 


When there appears to be no further change in the copper(II) sulphate, 
allow the crucible to cool. When it is coo! enough for you to bear it on the 
back of your hand, weigh it again. 

Place the crucible back in the pipeclay triangle and reheat it for a further 
five minutes. Allow it to cool and weigh it again. If there has been a change in 
mass since the previous occasion continue the process of reheating and 
cooling until two consecutive masses are within 0:01 g of each other. 

Calculate the mass of the anhydrous compound and hence the mass of the 
water which has been driven off from the'crystals. 

Using the relative atomic masses given in the Data Section, calculate the 
number of moles of copper(I!) sulphate (CuSO.4) and the number of moles 

æ of water (H20) in the sample of crystals. 


1 How many moles of water (to the nearest whole number) are 
combined with 1 mole of copper(II) sulphate in the crystals? 
2 What, therefore, is the formula of the crystals? 


What happens to certain compounds when they are 
exposed to the air? 


Questions 
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You will need three watchglasses and samples of anhydrous calcium 
chloride, sodium carbonate decahydrate crystals (washing soda), and 
copper(II) oxide which has been strongly heated and then kept in a 
desiccator. 


Weigh a watchglass, first empty and then containing a small quantity of 
calcium chloride. Place the watchglass in some place where it is open to the 
air and can remain undisturbed for a few days. Repeat the process with the 
dry copper(I!) oxide on the second watchglass, and sodium carbonate 
decahydrate crystals on the third. 
A few days later, weigh each watchglass again, and note any changes in 
æ mass and appearances of the solids. 


1 What substance has been taken from the air to bring about the change in 
the calcium chloride? 

2 Copper(Il) oxide also takes this substance from the air. What is the 
difference in effect that this substance has on the two compounds? 

3 How could the change in mass of the hydrated sodium carbonate crystals 
be explained? 


Is tap water harder than pure water (distilled water)? 


Hard water will not easily form a lather with soap. The hardness of 
samples of water can be compared by finding the volume of a soap solution 
which is required to give a ‘permanent lather’ in the water. A permanent 
lather is a lather which lasts for at least one minute after the mixture has been 
shaken. 


æ (a) Using a measuring cylinder, measure 10 cm’ of distilled water and pour 
it into a boiling-tube. 

By means of a teat-pipette, add one drop of soap solution to the water, fit 
the tube with a bung and then shake the tube vigorously. If a permanent 
lather is not obtained, repeat the addition of one-drop portions of the soap, 
solution, shaking after each addition, until such a lather is produced. Note 
the number of drops needed to produce a permanent lather. 

Repeat the procedure using 10 cm? of tap water instead of distilled water 

æ and note the number of drops of soap solution needed. 


1 Is tap water as hard as, or harder than distilled water? 
2 Describe what else, other than a lather, is formed when soap solution is 
added to tap water. 


æ (b) Boil some tap water for about 10 minutes in a beaker and then allow it to 
cool to room temperature. Measure 10 cm? of the water into a boiling-tube 
and repeat the dropwise addition of soap solution until a permanent lather 

æ is obtained. Note the number of drops required. 


3 Is boiled tap water harder, softer or as hard as unboiled tap water? 
4 Doyou think that boiling has removed all, some or none of the impurities 
from tap water? 


œ (c) Measure a further 10 cm? portion of tap water into a boiling-tube and 
add a small quantity of sodium carbonate crystals. Shake the tube until the 
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solid dissolves, and then repeat the addition of drops of soap solution until 
æ a permanent lather is obtained, and note the number of drops required, 


5 Does adding sodium carbonate remove more or less impurities than 


boiling the water? 
6 Bath salts contain sodium carbonate crystals. What is one reason for 
adding the salts to bath water? 


Lime water 


How is calcium hydrogencarbonate produced in 
water, and what sort of hardness is given to the water 
by this substance? 


You will need the apparatus shown in Fig. 10.3. 


When the hydrochloric acid is added from the tap-funnel to the marble in 
the filter-tube, carbon dioxide is given off. The water in the filter-tube 
removes droplets of hydrochloric acid from the stream of gas, so that they will 
not neutralise the lime water. 


Half fill a test-tube with lime water (calcium hydroxide solution) and put it 
over the end of the delivery tube. Add some dilute hydrochloric acid from the 
tap-funnel to the marble and pass the carbon dioxide through the lime water. 
The lime water soon turns milky, and there is then in the test-tube a mixture of 
calcium carbonate and water. 


Continue to pass the carbon dioxide into the mixture until all the milkiness 
disappears. The extra carbon dioxide has reacted with the calcium carbonate 
and water to produce a solution of calcium hydrogencarbonate. 


Questions 


Divide the solution into two equal portions. To the first, using a teat- 
pipette, add soap solution, drop by drop, shaking after each addition, until a 
permanent lather is produced (Investigation 10.5). 

Boil the second portion until an obvious change takes place. Cool the 
solution and then repeat the dropwise addition of soap solution until a 

æ permanent lather is produced. 


1 Write an equation for the reaction which takes place when carbon 
dioxide is passed into a mixture of calcium carbonate and water. 

2 If this reaction explains how some samples of tap water contain calcium 
hydrogencarbonate, where is the carbon dioxide which takes part in the 
reaction likely to come from and where is the calcium carbonate likely to 
come from? 

3 What effect does boiling have on the hardness of the water and what do 
you see in the solution after it has been boiled? 

4 Apart from the difficulty in producing a lather with soap, what do you 
think is likely to be a disadvantage of the presence of calcium hydrogen- 
carbonate in the water supply? 


Water is one of the most common compounds, but there are parts of the world where 
there are severe shortages of water for human consumption and for land irrigation 
(Fig..10.4), Also in many areas seasonal variations in rainfall (Fig. 10.5) mean thatit 
is important to devise satisfactory systems of storing, treating and distributing water. 

Water is an essential part of all living things and this is based on the fact that itis the 
best solvent known. It dissolves many more things than any other liquid. Clearly, 
since it is such an important liquid, water has been widely studied and we now know 
a lot about what it is made of and the reasons for its useful properties, 

Iftwo or three calcium turnings are dropped into a beaker of water, they sink to the 
bottom of the beaker and give off a steady stream of bubbles of gas. The gas can be 
collected, as shown in Fig. 10.1, by allowing it to bubble into an inverted test-tube full 
of water. 

When the tube is full of the gas, and it is opened with its mouth close to a Bunsen 
flame, there is a ‘pop’, showing the gas to be hydrogen. Since calcium is an element and 
cannot be split up into other substances, the hydrogen must have come from the water 
and water must be a compound of hydrogen. 

Some clue as to what is combined with the hydrogen in water is given when we 
examine what is left when the calcium has reacted with water. As the reaction takes 
place, a white solid separates from the solution, This happens because the solution has 
become saturated. If the surplus solid is filtered off and then a stream of carbon 
dioxide is blown into the colourless filtrate, the liquid turns milky as a white 
precipitate forms. A solution which reacts like this with carbon dioxide is lime water 
(calcium hydroxide solution) and it seems as if this has been formed by the action of 
the calcium on water. Calcium hydroxide contains the elements calcium, hydrogen 
and oxygen, and the oxygen must, like the hydrogen, have come from the water. 
Water, therefore, is likely to be a compound of hydrogen and oxygen. 

Other metallic elements, potassium and sodium, react with cold water, forming the 
metal hydroxide and setting free hydrogen (17.4), thus confirming what the reaction 
with calcium suggests.’ 
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The synthesis of a compound consists of the building up of the compound from its 
elements or from simpler compounds. If water is a compound of hydrogen and oxygen, 
it should be possible to form water by causing these two elements to combine. This can, 
in fact, be done using the apparatus shown in Fig. 10.6, 
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As the flame of the burning hydrogen plays on the cooled flask, drops ofa colourless 
liquid collect on the flask. The liquid gives positive results in two simple chemical tests 
for water. It turns white anhydrous copper(II) sulphate blue and anhydrous cobalt 
chloride pink (10.18). Ifsufficient of the liquid could be collected, it could be shown to 
have a freezing point of 0°C and a boiling point of 100°C, confirming it to be water. 

As has been described in Chapter 8, when an element burns in oxygen, the oxide of 
the element is formed. If water is formed by burning hydrogen in the oxygen of the air, 
the water must be the oxide of hydrogen and this confirms what the action of metals, 
like calcium, has suggested. 


10.9 The fact that water is a compound of hydrogen and oxygen is also confirmed by the 

Electrolysis of action of an electric current on water. Pure water hardly conducts a current but, if 

water some sulphuric acid is added, the conductance of the water increases considerably and 
the water is split into hydrogen and oxygen. 

The reactions which occur at each electrode and result in water being split up into 
hydrogen and oxygen are explained in 19.9. 

The volume of hydrogen produced in a given time is twice that of the oxygen, 
suggesting that there are twice as many moles of hydrogen as oxygen in the water 
which is decomposed in the electrolysis. It is the water which is being electrolysed, and 
not the sulphuric acid, as the mass of the sulphuric acid does not change during the 
electrolysis. 


10.10 Another way of forming water from hydrogen and oxygen, which does not involve 

The formula of burning one gas in the other, consists of passing hydrogen over hot copper(II) oxide. 

water Because copper is lower than hydrogen in the reactivity series (17.9), hydrogen is able 
to take oxygen from the copper to form the water and copper is left as the solid product 
of the reaction. The copper(II) oxide is reduced to copper by the hydrogen which is 
oxidised to water. Since the masses of the starting materials and products are easily 
found in this reaction, the reaction can be the basis of a simple method for finding the 
formula of water. A suitable apparatus for this experiment is shown in Fig. 10.7. 


Copper(I1) oxide 


Hydrogen ———> 


Glass 

wool 
Anhydrous 
calcium Anhydrous 
chtoride calcium 

chloride 


The anhydrous calcium chloride in the U-tube, placed after the copper(II) oxide, 
will absorb every bit of water formed in the reaction. If the mass of the tube is 
found before and after passing hydrogen gas, the mass of water formed can be 
determined. The first U-tube also contains anhydrous calcium chloride and is to 
make sure that any water collected by the second U-tube must have come from the 
reaction and was not brought in by the hydrogen. 

If the mass of the porcelain boat and copper(II) oxide is found before heating then 
when the reaction is obviously complete, the difference in mass between the two results 
is the mass of oxygen lost by the oxide. This is also the mass of oxygen in the water 
collected in the second U-tube. Subtracting the mass of oxygen from the mass of water 
gives the mass of hydrogen in the water. 

If the number of moles of hydrogen atoms and oxygen atoms in the collected water 
are then calculated, the formula of the water can be found. ; 

A typical set of results from this experiment is given below. 


Fig. 10.7 Reducing 
copper(II) oxide with 
hydrogen 
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10.11 
The water cycle 


Mass of porcelain boat + copper(II) oxide before heating = 26:32¢ 
Mass of porcelain boat + copper after heating = 23-52¢ 
Mass of oxygen lost = 280g 
Mass of oxygen in the water = 280g 
Mass of second U-tube at the start = 156-48 g 
Mass of second U-tube after absorption of water = 159-63 g 
Mass of water produced in the reaction, = 315¢ 
and mass of hydrogen in the water = 3-15 —2-80 = 035g 
Mass of one mole of hydrogen atoms = 100g 
No. of moles of hydrogen atoms in 0:35 g of hydrogen = 0:35 
Mass of one mole of oxygen atoms = 16-00g 
No. of moles of oxygen atoms in 2:80 g of oxygen = moO) =. 0:175 


16 


0-35 moles of hydrogen atoms combine with 0-175 moles of oxygen atoms. 
2 moles of hydrogen atoms combine with 1 mole of oxygen atoms. 


The empirical formula of water is H,O. 


The molecular formula of water could be H,O ora multiple of this such as H,O, or 
H,O3. To see which is the correct molecular formula we need to do an experiment to 
find the relative molecular mass of the water. This proves to be 18, which agrees with 
the formula H,O, and not with H,O, for which the relative molecular mass would 
need to be 36, nor with H6O; for which it would need to be 54. 

Now we know that the molecular formula of water is H,O, we can write 
equations to describe more fully the action of water on certain metals, For example, as 
has already been described, if calcium turnings are added to cold water, the metal sinks 
to the bottom and there is a steady effervescence of hydrogen, a white precipitate of 
calcium hydroxide forming as the metal reacts with the water: 


Ca(s) + 2H,O(1) > Ca(OH),(s/aq) + H,(g) 


About 70% of the Earth’s surface is covered by sea which contains 95 % of all the water 
on this planet. The other 30% of the surface consists of land masses on which live a 
wide variety of plants and animals, all requiring water for their survival and 
development. The Natural Water Cycle enables plants and animals to obtain water 
from the large bulk stored in the sea. It also makes sure that the water which is not 
used is put back into the store for future use. 


Rain-water which is not immediately absorbed by the soil or by plants, is then likely 
to run over or through rocks, or through the soil, and collect to make a spring ora 
stream. When a number of these join together, a river may be produced. This then 
carves out a suitable path for itself, so that, enlarged by the entry ‘of; many other streams 
and springs, it can make its way to the sea. 
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This constant movement of water from sea to sky, from sky to land, and from land to 
sea again is called the Natural Water Cycle and it is represented in Fig. 10.8. 

The Natural Water cycle has been (and still is) important in changing the land on 
which we live. As the rain-water runs over and through rocks on its way to form a 


When water dissolves substances out of the rock, they eventually find their way to 
the sea. An important example of this is the dissolving of calcium compounds which 


water from a large number of streams or springs or by natural seepage from the region 
around it. This lake is usually made by constructing a dam across the narrow part ofa 
valley with a large stream flowing through it, and this water, which would quickly run 
to the sea, is held back and stored for man’s use. An alternative method consists of 
sinking wells or boreholes into porous rocks such as chalk, limestone or sandstone. 
Rain-water falling on these rocks soaks into the rock and remains in the pores or 
cracks in just the same way as water will stay in a large sponge. The water is then 
usually pumped out of the rock through the wells or boreholes to the surface, 


If someone holds your head under water in a lake or a river, you very soon begin to 
doubt, as you struggle for breath, that there is air dissolved in the water. Yet fish, whose 
bodies require oxygen from the air in order to produce from food the energy they need 
to stay alive, can live in deep water fora large part of their lives. This suggests that there 
is air dissolved in water. While we have no natural mechanism for taking that air out 
of the water into our bodies, the fish are able to extract it and use it for their needs, 

The presence of air dissolved in water can be shown using the experiment described 
in 9-6, 


Water normally contains about 10 parts per million by mass of dissolved oxygen, 
although this varies slightly between summer and winter due to the temperature 
difference. This dissolved oxygen is essential for fish and other aquatic animals. If 
this oxygen is removed from the water faster than it is replaced, these creatures are 
unable to live in that water. This is what happens when a stretch of water is polluted in 
certain ways. Ifsewage or some industrial waste is released into a river, it provides 
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the dissolved oxygen 
content of polluted river 
water 


(b) Treating polluted water 
with oxygen. (Both photos 


courtesy British Oxygen 
Company) 


Fig. 10.9 (a) Measuring 


food for oxygen-consuming bacteria. They then use up the oxygen faster than it is 
dissolved from the air in contact with the water. The water is then said to have a high 
BOD (biochemical oxygen demand) and will not support the aquatic animals 
which need a lot of oxygen. 

The BOD of water can be measured by adding to the water a small volume of a 
solution of potassium manganate(VII) and recording the time for its purple colour to 
disappear. The greater the demand for oxygen, the faster will oxygen be taken from the 
potassium manganate(VII) and hence the faster will it be decolourised. 

The BOD can also be assessed by examination of the animals living in the water. For 
example, mayflies and stoneflies require well-oxygenated water, whilst the bloodworm 
can survive in a river which has very low oxygen levels. By using the knowledge of 
which animals and plants can survive under certain conditions, regular checks on the 
plant and animal life can indicate the general condition of the water in a river. 

Plants, sown in the soil in fields, need to take in nitrogen and phosphorus in the form 

of soluble nitrates and phosphates if they are to grow healthily. If these compounds 
are missing from the soil, they have to be supplied in the form of fertilisers (33. 10). 
If the fields are close to a stream or river and the fertiliser is applied in a rainy time, it 
may be washed out of the soil into the river before it is taken up by the plants. This 
results in the concentrations of nitrate and phosphate in the river water increasing. As 
well as being food for land plants, these compounds feed plants which grow in water, 
including the primitive ones without leaves, stems or roots, called algae. When the 
water is warm in the summer and when the concentrations of nitrate and phosphate 
are high, the algae grow very rapidly, forming what is called an algal bloom in the 
water. As they grow, they use up dissolved oxygen in the water, thus making life 
impossible for those creatures which need a lot of oxygen. The water has thus become 
polluted by the fertiliser. 


| 
l ? * 

Pollution in river water may also be caused by detergents. Before synthetic 
detergents became widely used, the soap, made by the action of alkali on vegetable oils, 
was easily broken down by sewage bacteria and, when the water was discharged into a 
river, it did not pollute the water. When synthetic detergents were introduced, they 
were not broken down in the same way. and were still contained in the water when it 
entered the river. The detergent reduces the amount of oxygen dissolved from the air at 
the surface of the water, and so the water contains less oxygen than it should, again 
making it impossible for some creatures, like trout, to live in it. 

The detergent may cause two other problems. When a detergent solution is agitated, 
it produces 4 lather or foam. River water containing detergent may flow over a weir or 
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10.14 


The treatment of 


water 


Fig. 10.10 A water 
treatment plant showing 
the reaction tanks in 
which river water is 
clarified by adding 
iron(II) sulphate and 
softened by adding 
calcium hydroxide and 
sodium carbonate. 
(Courtesy the Yorkshire 
Water Authority) 


be stirred up in some other way, and it will then produce a foam which can then blow 


about in the wind, contaminating the neighbourhood. The presence of these clouds of 


foam, blown about near a river, sometimes called ‘detergent swans’, indicate that there 
is detergent in the river and therefore the river authorities can expect the water to be 
deoxygenated. A second difficulty is that some detergents contain phosphates which, as 
was described earlier, can encourage the growth of algae. 

Synthetic detergents have been improved since they were first introduced. It was 
discovered that, if a molecule of a detergent has a chain of carbon atoms which is 
branched (Fig. 32.12), it cannot easily be broken down, but, ifthe chain is straight, a 
very large proportion of it up to 99°.) is broken down in the sewage works before it 
enters the'river and the pollution is very much redueed 


It is necessary to treat water before it is used and also after it has been used. Water 
which is to be used for domestic purposes must obviously be safe to drink, whereas 
water which is to be used in industry must not contain any thing which will reduce the 
efficiency of the processes on which the industry depends. The power industry, for 
example, needs water which is more pure (chemically) than drinking water, as the 
boilers which convert the water into steam will only remain efficient if the water 
contains no more than 0-00002 g of dissolved solids per dm‘. 

Water which has been used, such as domestic waste (sewage) and water leaving 
factories (industrial effluent), must be treated before it is allowed to enter natural 
waterways such as rivers or lakes. 


The main steps in water treatment are clarification, disinfection and softening. 

Clarification involves removing the suspended solids from the water. The water is 
treated with chemicals to encourage the solids to coagulate (stick together). The 
coagulated solids are then removed by filtration. 
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10.15 


Water in the air 


10.17 


of chlorine. The disadvantage of ozone is that it does not have any residual sterilising 
effect. Thus if the sterilised water becomes contaminated again before it is used, there 

will be no ozone left in the water to remove the contamination. This is not the case with 
chlorine, as it is more stable and some of it would still be present to remove the q 
contamination. The disadvantage of chlorine, as some of you will probably know, is 
that ifit is necessary to use a lot of chlorine it will cause the water to have an unpleasant 
taste. i; 

The third stage, known as water softening, is more important for industrial 
supplies and is discussed in detail in 10.25. : 

The techniques and the standards required by law for the treatment of domestic and 
industrial effluent have improved considerably during the last 20 years. In the U.K., 
for example, the miles of rivers which are badly polluted have been reduced from 
about 6% to 3% of the total. . 


If you add some ice to a cold drink in a glass and then leave it for a short time, the 
outside of the glass becomes cloudy as a coating of droplets of a colourless liquid forms 
on it. If we could collect some of this liquid, we could show by its freezing point and its 10.18 
boiling point that it is water. The water is present as vapour in the air surrounding the q 
glass and, when the air is cooled by the cold mixture in the glass, the vapour condenses 

to liquid which collects on the surface of the glass. 

The major source of water vapour in the air is the evaporation of water on the 
surface of the Earth in seas, lakes and rivers (10.11). Other sources include animals q 
which produce it as a by-product in the conversion of food into energy (9.4), and the 
combustion of hydrocarbon fuels (9.3). These other sources produce an approximately 
constant amount of water vapour each day. Any variation in the amount of water 
vapour in the air is due to changes in the climatic conditions. When the temperature is 
high the rate of evaporation increases. However, if the temperature decreases 
sufficiently, such as it might do overnight, some of the water vapour can condense to 
water droplets which can take the form of dew or, under certain conditions, fog. If it is J 10.19 
very cold overnight, water vapour can be converted into tiny particles of ice, which ~ 
appear as white hoar frost. i 


packing to absorb the water vapour from the air, so that it cannot condense on the 


Detecting water 


The formulae of 
crystals 


Crystals of copper(II) sulphate are blue in colour, bu, if they are heated 


Disinfection (sterilisation) of water supplies in the U.K. is done by treating it with Water in (Investigation 10.3), the solid turns white and steam is evolved. Although the orisi 
ii chlorine which kills the bacteria (25.10). In some countries ozone (Os) is uséd instead crystals crystals feel perfectly ae seca cp each ar oe 3 Bai Ae paea 


water, joined chemically to the particles making up the crystal. The blue variety of 
copper(II) sulphate is therefore called hydrated copper(II) sulphate. 

i When the crystals are heated, the bonds holding the water molecules to the particles 
in the crystals (which are copper(II) ions and sulphate ions), are broken and the water 
molecules are able to escape in the form of water vapour. The white solid which 
remains is therefore copper(II) sulphate without water, which is called anhydrous 
copper(II) sulphate. The water present in the original crystals and driven off by 
heating, is called water of crystallisation. 

The breaking of the bonds between the ions in the crystal and the water molecules 
requires energy to be supplied to the crystals. Therefore, when water is added to the 
anhydrous solid so that the crystals can reform, energy will be liberated in the form of 
heat. Ifa few drops of water are added to white anhydrous copper(II) sulphate around 


the bulb of a thermometer, the solid rapidly turns blue and the t i 
quickly to round about 100°C, PAE 


The blue colour of copper(II) sulphate crystals is due to the presence of hydrated 
copper(II) ions. One way of testing for the presence of water in a liquid is based on this 
fact and consists of adding the liquid to anhydrous copper(II) sulphate. If the white 
solid turns blue, there is water present. A similar test involves anhydrous cobalt(II) 
chloride which is blue and turns pink when water is added, as the hydrated salt is 
formed. If filter paper is dipped into a solution of cobalt(II) chloride and is then 
heated, it turns blue: When this touches anything with water in it, the blue colour 


changes to pink. This cobalt chloride paper provides a very simple way of detecting the 
presence of water, 


Because each ion in the blue crystals of copper(II) sulphate is linked to a small whole 
number of water molecules, one mole of the salt (consisting of 6 x 1023 copper(II) ions 
and 6 x 1023 sulphate ions (4.10)) is joined to a small whole number of moles of water. 


10.16 When you buy a new camera or tape-recorder, you may find in the package a small the mass of the residue does not alter on further heating (this is called heating to 
Hygroscopy and packet ofa substance called silica gel. This compound has the property of absorbing up constant mass). i 
deliquescence to about 70% of its own mass of water without becoming wet. It is included in the The following is a typical set of results for this experiment. 


Mass of crucible 


equipment. A substance which can absorb water from the atmosphere in this way is M : = 23-61 g 

called a hygroscopic substance. : ass of crucible + copper(II) sulphate crystals = 28-59 g 
Copper(II) oxide and table salt are other hygroscopic substances. This explains why | aa of crucible + anhydrous copper(II) sulphate: 

occasionally you cannot pour table salt on to your food from a salt cellar. Magnesium (after first heating) = 26-85 g 

carbonate is usually added to table salt to absorb the water which would be taken in by (after second h eating) = 26:79 g 

the salt, and so prevent the salt crystals sticking together. (after third heating) = 26:79 g 


Some of the substances which absorb water from the atmosphere are soluble in 
water and will take in so much water that they are able to dissolve in it to form a 
solution. Such a substance is called a deliquescent substance. 

Sodium hydroxide, anhydrous iron(III) chloride, copper(II) nitrate and 
anhydrous calcium chloride are examples of deliquescent substances. Anhydrous 


The number of moles of water combined with one mole of copper(II) sulphate can 
be calculated from these results as follows. 


Mass of crystals used 4-98 g 
Mass of anhydrous copper(II) sulphate formed 3-18 g 


oud 


Mass of water driven from the crystals 


Substance being calcium chloride is used for drying gases and in desiccators which are used in science, J - 1-80 g 
stored laboratories for storing substances in a dry atmosphere. The anhydrous calcium \ ~ 3:18 g of anhydrous copper(II) sulphate combine with 1-80 g of water. 


Anhydrous 
One mole of anhydrous copper(II) sulphate (CuSQ,) has a mass of 


Be: ZIA y ide Chloride removes all the water from the air in the air-tight vessel (Fig. 10.12) and so 
A eim chloride eliminates the chance of water passing from the air to a substance stored in the 


Fig. 19.11 A desiccator 


desiccator. 101 
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10.20 
Efflorescence 


10.21 
Hard water 


10.22 
Permanent and 


temporary 
hardness 


63:5 + 32 + (4 x 16) = 1595 g 
1:80 x 159-5 _ 90g of 


One mole of the anhydrous salt combines with aa ae 


X r has a mass of : hydrous copper(II) 
i le of water has a mass of 18 g, one mole of anhy 
sie Coating with 92 = 5 moles of water and the formula of the hydrated 
copper(II) sulphate is CuSO,.5H,O. 


The equation for the action of heat on the crystals is therefore: 
CuSO,.5H,O(s) > CuSO,(s) + 5H,O(g) 


y joi f in i ydrated 
The numbers of moles of water joined to one mole of a Seen yeep 
form differs from compound to compound. See Exercise 8, p. : 


examples. 


F a of crystals of sodium carbonate decahydrate (washing soda— 
OEO is left exposed to the air, the clear colourless crystals quickly — 
covered with an opaque white powder. Some of the water of raon in a 
crystals has spontaneously evaporated and the white solid formed is sodium car] oe 
monohydrate (Na,CO,.H,O). A compound which spontaneously loses some x s 
its water of crystallisation to the air in this way is said to be Seog o! pE 
sulphate decahydrate (Glauber’s salt) is also efflorescent and when left in 


atmosphere changes to the anhydrous compound. 


If you wash your handsin tap water using solid soap, you may notice Soa itis aaa 
to forma lather, and that a white or grey scum appears. The amount oi renee Pi 
difficulty in forming the lather will depend on the part of the country in a A 
water has been collected. Water which does not form a lather with soap is called } a 
water, The hardness is due to impurities in the water ( 10.5). Tap water is ta int : 
sense that it is safe to drink, but it is chemically impure in that it contains su stang 
other than water. The impurities which cause hardness are usually calcium o 

ium ions (or often both). ent j 
era consists S the sodium salts of organic acids—e.g. stearic oe T 
acid). These acids have relatively large molecular masses and hence s oe a 
will be represented here by NaSt. Most metal stearates (except those of so a E 
potassium) are insoluble in water, so if soap is dissolved in hard water they 
precipitated as an insoluble scum: 

Ca®+(aq) + 2St-(aq) > CaSt,(s) 


The soap is used up in this way and it is difficult to form a lather. The manufacture of 
soap and how it works when being used to clean fabrics are explained in 32.10. 


The substances present in natural water vary from place to place. iir SER, 

depend upon the type of rocks and soil through which the water has flowed on we X 

to the reservoirs. One important type of rock is gypsum O w! Ei 

slightly soluble in water. Thus aes flows through gypsum rocks it will become 

issolving a little calcium sulphate. i 

ae Fane type of ee is limestone or chalk (calcium pece nee 

water to be supplied to our taps is collected in a limestone area it is likely to 2 ae 

Limestone, which is mainly calcium carbonate, does not dissolve in ead Y is 

so how can calcium ions from the limestone get into the water to make $ x ae 
As we have already seen, the source of our tap water, whether it is collecte 
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10.23 
Disadvantages 
of hard water 


reservoir or pumped out from a borehole, is rain. As the rain falls through the air it 
dissolves some of the carbon dioxide in the air, forming carbonic acid: 


H,O(1) + CO,(g) > H,CO,(aq) 
carbonic acid 


When the solution of carbon dioxide then falls on or runs through limestone, it dissolves 
the calcium carbonate, forming a solution of calcium hydrogencarbonate: 


CaCO;(s) + H,CO,(aq) > Ca(HCO,),(aq) 


This solution contains calcium ions and, if it forms part of the water supply for a 
particular place, the water supplied to that place is hard. The slow dissolving of 
limestone by rain-water, in the way just described, is responsible for many landscape 
features which are found in limestone or chalk areas, e.g. caves, pot-holes, ‘water sinks’ 
(where a river suddenly disappears underground to reappear perhaps miles away) and 
steep-sided valleys. 

Hardness due to calcium hydrogencarbonate is different from that due to calcium 
sulphate because the former can be reduced or even removed by boiling the water. 
Calcium hydrogencarbonate (which only exists in solution) is decomposed on heating, 
liberating carbon dioxide and water and forming a precipitate of calcium carbonate. 
The calcium ions, originally in the solution of calcium hydrogencarbonate, become 
combined with carbonate ions in the precipitate: 


Ca(HCOs),(aq) > CaCO,(s) + H,0(1) + CO,(g) 


The calcium ions are no longer available to react with the soap. Hardness which can be 
removed simply by boiling the water is called temporary hardness. 

If the metals are present in salts such as sulphates, or anything else other than 
hydrogencarbonates, boiling will have no effect. Hardness which is not removed by 
boiling the water is called permanent hardness. 

Natural water will often contain both types of hardness, so that boiling will soften it 
partially but not completely. Addition of washing soda (sodium carbonate) will, 
however, remove all hardness, e.g. 


CaSO,(aq) + Na,CO,(aq) > CaCO,(s) + Na,SO,(aq) 
and Ca(HCO ).(aq) + Na,CO,(aq) > CaCO;(s) + 2NaHCO,(aq) 


Before the invention of soapless detergents it was usual to add sodium carbonate, in the 
form of washing soda crystals, to the water when washing clothes. Bath salts, which are 


simply sodium carbonate crystals with colouring and perfume added, are used to soften 
bath water. 


Hardness of water causes other problems besides difficulty in washing. In particular, 
temporarily hard water, containing calcium hydrogencarbonate, forms a precipitate « 
of calcium carbonate when it is heated. If such water is fed directly into a heating 
system, in the home or industry, precipitation occurs within the boiler and the hot- ' 
water pipes. The precipitated solid (sometimes called fur) then builds up inside thé 
pipes, making them narrower. This slows down the water flow and reduces the 
efficiency of heat transfer. Eventually the Whole system will need replacing, which is 
very expensive. In industry, particularly (since the quantity of water concerned is 
much greater than in the home), the water must be softened before it goes into the 
heating system. By far the cheapest way of doing this is to add just the right amount of 
slaked lime (calcium hydroxide) which precipitates the calcium hydrogencarbonate 
as calcium carbonate: 
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Fig. 10.12 Scale 
deposited inside (a) a 
water pipe and (b) a hot 
Wa water tank. (Both photos 
| HN courtesy Houseman 

Ha (Burnham) Ltd) 


10.24 
Advantages of 
hard water 


Ca(HCO,).(aq) + Ca(OH)(aq) > 2CaCO,(s) + 2H,O(1) 


It is important to note that addition of lime will only remove temporary hardness. Ifit 
is necessary to remove all of the dissolved solids an ion exchange method is used 
(10.25). 

In the home, it is often possible to see furring simply by looking at the inside of a 
kettle. You can show for yourself that the fur consists of carbonate deposits by addinga 
little vinegar (dilute ethanoic acid), when you will see effervescence owing to carbon 
dioxide being given off. 


Despite these problems, hardness in tap water is not always a bad thing. The human 
body contains about 1000 to 1500 g of calcium in bones and teeth and in the blood 
(where it is necessary for clotting when the skin is damaged). We need a daily intake of 
this element to replace that lost by natural wastage. The recommended amount for an 
adult is $ a gram. Growing children, whose bones are still developing, require more, 
about 4 of a gram. A large majority of the calcium is supplied by foods such as cheese 
and milk, but some of it is provided by tap water containing dissolved calcium salts. 
Another advantage of hard water appears in older houses where the water pipes are 
made of lead. Pure water dissolves a very small quantity of lead and, if someone 
drinks this water over a long period of time, the amount of lead in that person’s body 
builds up until it reaches a harmful, or even fatal, level. Hard water does not dissolve 
lead. If water from a particular source is very soft, it is usually artificially hardened 
before it is supplied for domestic purposes, so that it will not dissolve lead, 

The location of certain industries is influenced by the hardness of the water which is 
available. For example, a plentiful supply of hard water is needed for the brewing 
industry as it improves the quality of the beer, whereas the woollen industry needs a 
good supply of soft water for washing the wool. 
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10.25 Distillation is an obvious way of softening water as this removes all dissolved solids - 
Other methods and hence produces pure water, Generally this method, due to the energy needed to 
of removing heat the water, is too expensive. However, if there is even a shortage of impure fresh 
hardness water, as is the case in some parts of the world (10.7), distillation of sea water may be 


the best method of obtaining supplies of water for domestic use. The use of solar 
energy, which is likely to be fairly continuously available in such countries, could be 
the best solution to the problem where such severe water shortages exist. 

An important method which is used for domestic, laboratory and industrial 
applications is the ion-exchange method. This is based on the use ofan ion-exchange 
resin, or zeolite, which is an earthy material consisting ofa complex sodium aluminium 


‘ 


Fig. 10.13 A deioniser 
producing pure water for 
laboratory use. (Courtesy 
Houseman (Burnham) 
Ltd) 


silicate, represented here simply as NagZ. As the hard water containing, say, Ca** ions, 
flows through the resin ion-exchange occurs: 


Ca?+(aq) + NayZ(s) > CaZ(s) + 2Na*(aq) 


This leaves the water soft, but obviously the resin eventually becomes used up; it can 
be regenerated by running concentrated sodium chloride solution through it. This 
results in the Ca?* ions in the resin being replaced by Na* ions. The resin is then 
ready for use again. 
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10.26 
Modern 
detergents 


10.27 
Summary 


Another method used for softening water on a small scale is to use a substance known 
commercially as Calgon, which contains a complex sodium phosphate. (Calgon is a 
trade name and is derived from the phrase CALcium GONe.) When added to hard 
water, this combines with Ca** and Mg?* ions. The ions became tied up as soluble 
complex phosphates and so they are no longer free to cause hardness. (The use of 
phosphate additives in detergents has caused pollution problems—see 10,13.) 

A completely different method, developed recently, uses reverse osmosis. In this 
method, which is generally used together with an ion-exchange system (see above), 
the water is forced under high pressure through a semi-permeable membrane. This 
acts like an incredibly fine filter; so fine, in fact, that although water will pass through 
it, dissolved substances will not. The method has the advantage that not only will it 
remove salts, but it will also remove dissolved organic matter, which cannot be 
removed by the ion-exchange method. 


Nowadays, hardness of water is much less important in washing than it used to be, 

because modern washing powders and washing-up liquids do not form a scum in hard 

water. The essential feature of modern detergents is that, if they are ionic, the anion is 

one whose calcium and magnesium salts are soluble in water. This means that the 

presence of Ca?* or Mg?* ions has no effect on the operation of the detergent. 
(For a general discussion of detergents, see 32.12.) 


1. Water is a compound of hydrogen and oxygen and it has the formula H,O. It can 
be formed by burning hydrogen in oxygen. 

2. Water can be decomposed by adding potassium, sodium or calcium, the products 
of the reaction in each case being the hydroxide of the metal and hydrogen. 

3. Water can be split into hydrogen and oxygen by electrolysis, the addition of a 
compound like sulphuric acid being necessary to make the water conduct the 
electric current. 

4. In the natural world water is involved in a cycle, evaporating from the sea, 
returning to the Earth as rain and then running back to the sea via springs, streams 
and rivers. In order to collect water, man has to disturb the Natural Water Cycle. 

5. All samples of water, except those which have just been boiled, contain dissolved 
air. This air is necessary for plants and animals to live in the water. 

6. There is usually water vapour in the air. A hygroscopic substance is able to absorb 
water from the air. A deliquescent substance absorbs water from the air to such an 
extent that it dissolves in the water. 

7. Many crystalline compounds contain water of crystallisation. Water of 
crystallisation is linked chemically to the particles of which the crystals consist. 

8. An efflorescent compound is one which loses water of crystallisation spontaneously 
by evaporation into the air. 

9. Hard water forms a scum and does not easily form a lather with soap. Hardness is 
due to the presence of calcium ions and/or magnesium ions in solution in the 
water. A soapless detergent does not form a scum with hard water. 

10. Calcium hydrogencarbonate is formed when rain-water, containing dissolved 
carbon dioxide, falls on rocks containing calcium carbonate and causes temporary 
hardness which can be reduced or removed by boiling the water. Other soluble 
calcium salts cause permanent hardness which cannot be removed by boiling. 

11. Removal of hardness from water involves tying up the calcium and magnesium 
ions, either in a precipitate, or as a complex, or with an ion-exchange resin. 
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Acids, bases and salts 
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Question l 


Dilute 
Magnesium sulphuric 
ribbon acid 


Fig. 11.1 


Questions 


Investigation 
11.2 


Questions 


Question 


107 


$+ 


How do dilute acids react with metals? 


(a) Pour dilute sulphuric acid into a test-tube to a depth of about 3 cm. 
Add about 3cm of loosely coiled magnesium ribbon to the acid. 
Immediately invert a second test-tube over the first, as shown in Fig. 11.1. 
When you think sufficient gas has been given off to fill the upper tube, 
quickly hold the mouth of the tube to a Bunsen flame and record what 
happens. 


1 What is the gas given off when dilute sulphuric acid reacts with 
magnesium? Write an equation for the reaction. 


(b) Repeat the procedure using dilute hydrochloric acid instead of sulphuric 
acid. 

Repeat the procedure again, using either of the acids with first granulated 
zinc, then iron powder and then copper turnings in place of the magnesium. 
If the reaction does not start, warm the mixture very carefully, but do not boil 
it. 


2 Which of the metals does not react with either dilute sulphuric acid or 
dilute hydrochloric acid? 
3 How do the rates of reaction of those metals which do react compare 
with that of magnesium? 


How do acids react with bases? 


(a) Pour dilute sulphuric acid into a boiling-tube to a depth of about 3 cm. 

Add a small amount (about one quarter of a spatula-full) of copper(I!) 
oxide to the acid and gently warm the tube over a Bunsen flame until the 
solid dissolves. Note the colour of the solution. 


1 What is the substance likely to be which is responsible for the colour of 
this solution? What type of substance is this? Write an equation for the 
reaction which has taken place. 


(b) Repeat the procedure using first magnesium oxide and then lead (Il) 
oxide to see whether these solids will dissolve in the acid. 


2 What could be a possible reason for one of these solids not dissolving in 
sulphuric acid? 


(c) Pour dilute sulphuric acid into a boiling-tube to a depth of about 2 cm. 

Add a few drops of litmus solution to the acid and then add, in small 
volumes, sodium hydroxide solution. Stir the solution with a glass rod after 
each addition and continue adding the sodium hydroxide solution until there 
is an obvious change in the litmus solution. 


Questions 4 What happens to the sulphuric acid when sodium hydroxide is added to 3 In which of the beakers is the solution least acidic? Give the reason for 
it? your answer. 
5 What type of substance is sodium hydroxide? One of the products of the 4 What is the pH of the solution in this beaker? 
reaction is water. What type of substance is the other product? 5 yen therefore, happens to the pH of a solution as it becomes more 
acidic 
6 Which is the more acidic—solution A with a pH of 3 or solution B witha 
: | pH of 5? 
Investigation How do acids react with carbonates? | 
11.3 i : i E Now wash out the beakers and repeat the experiment, this time using 8 cm? 
f æ You will need a right-angled delivery tube in a bung which fits a test-tube. A OAM eodiuM Rickards sölution Instead okaihanolaiaold; 
Lime water (a) Pour lime water (calcium hydroxide solution) into a test-tube to a depth » 
| of about 2 cm. Questions 7 In which of the beakers is the solution the most alkaline? Give the reason 
; Place a few crystals of sodium carbonate into a second test-tube. Then add . for your answer. aia’ 
Sodium carbonate dilute sulphuric acid to the crystals to a depth of about 3 cm. Quickly fit the 8 What Bs the pH of the solution in this beaker? , 
Arana test-tube with the bung and delivery tube and pass the gas which is given off Pala whieh beaker is the solution least alkaline? Give the reason for your 
| I Fig. 11.2 æ through the lime water, Fig. 11.2. Note what happens to the lime water. | 10 What is the pH of the solution in this beaker? 
ji | j į 
| | Guaselon asi Whichtgas hasthisetett/oniline water? Ea oat therefore, happens to the pH of a solution as it becomes more 
æ (b) Repeat the procedure using first copper(II) carbonate and then marble E TRAA Toe n a SONON: cawith-@ pH or 9 of solution: D 
chips (calcium carbonate) instead of sodium carbonate. 
Repeat the procedure using dilute hydrochloric acid instead of sulphuric 
æ acid with each of the three carbonates. | 
Investigation The preparation of a pure dry sample of a salt by 
Question 2 Why does the reaction between sulphuric acid and calcium carbonate 11.5 reacting an acid with an insoluble base. 
stop after a short time? 3 eo es Š i i 
In this Investigation you will use the reaction between copper(I!) oxide (a 
base which is insoluble in water) and dilute sulphuric acid to produce a 
5 , solution of copper(II) sulphate: 
Investigation How is the pH of a solution determined and what Cu0(s) + HaS0.(aq) > CuSOx(aq) + H20(!) 
11.4 happens to the pH of a solution as it becomes more 
acidic or alkaline? | The solution is then concentrated by evaporation until it is saturated. On 
| cooling this solution crystals of the salt will be formed. 
The pH of a solution tells us how acidic or alkaline a solution is. Universal | 
Indicator is a mixture of indicators whose colour depends on the pH of the æ You will need a beaker, glass rod, filter funnel and an evaporating basin. 
solution to which it is added. 
Pour 50 cm of dilute sulphuric acid into a beaker and warm the beaker on a 
œ You will need six beakers—one 1000 cm?, one 500 cm, one 250 cm?, two tripod and gauze over a Bunsen flame. 
100 cm? and one 50 cm. Add copper(I!) oxide in small portions, stirring the mixture with a glass rod 
and waiting until each portion dissolves before adding the next. 
Add Universal Indicator solution to about 2000 cm? of tap water in a large When no more of the base dissolves (even when the solution is boiling), 
bottle until the bluish-green colour of the solution is quite deep. filter the mixture through a filter paper in a funnel and add a few drops of 
Using a measuring cylinder, measure out 800 cm? of this solution and dilute sulphuric acid to the filtrate. 
pour it into the largest beaker. Similarly pour 400 cm? of the solution into the Pour the solution into an evaporating basin and heat the basin gently ona 
500 cm? beaker, 200 cm? into the 250 cm?, 100 cm? into the first 100 cm? tripod and gauze over a Bunsen flame. 
beaker, 50 cm? into the second 100 cm? and 25 cm? into the 50 cm? beaker. From time to time pour a small portion of the solution into a test-tube and 
Now add 8 cm? of 0:04M ethanoic acid solution to each beaker and stir cool it under the tap, scratching the inside of the test-tube with a glass rod. 
with a glass rod. When the crystals form in one of these samples, pour the remainder of the 
Compare the colours in the beakers with those on the chart provided, or on solution from the basin into a boiling-tube and cool it rapidly under the tap, 
the label of the bottle of Universal Indicator, and hence find the pH of the scratching the tube as before. 
æ solution in each beaker. When the solution is at room temperature and no more crystals separate, 
filter off the crystals. Wash them with a small volume of distilled water and 
Questions 1 In which of the beakers is the solution most acidic? Give the reason for then spread out the filter paper on another filter paper so that the crystals can 
your answer. @ dry. ji 
2 What is the pH of the solution in that beaker? 
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Why can this method not be used to prepare lead (ll) sulphate from lead(Il) 
oxide and sulphuric acid? 


The preparation of a pure dry sample of a salt by 
reacting an acid with a soluble base (an alkali). 
In this method of preparing a salt an indicator is used to show that all of the 


acid has reacted with the alkali. The indicator is then removed from the 
solution of the salt by adsorbing it on charcoal. 


You will need a supply of dilute nitric acid (2M) and a more concentrated 


solution of potassium hydroxide (4M). THE POTASSIUM HYDROXIDE 
SOLUTION IS VERY CORROSIVE AND MUST BE TREATED WITH GREAT 
CARE. 


Pour 50 cm’ of dilute nitric acid into a conical flask, followed by a few drops 
of litmus solution. Add concentrated potassium hydroxide solution, 1 cm? 
at a time, swirling the liquid in the flask after each addition until the litmus 
solution changes colour. 

Pour the potassium nitrate solution into a beaker and add a small 
quantity of activated charcoal. Heat the solution to boiling and then filter it 
while still hot through a filter paper. 

Pour the filtrate, which should now be colourless, into an evaporating 
basin and heat the basin to evaporate the solution to make it saturated. 

From time to time pour a small portion of the solution into a test-tube and 
cool the tube under the cold water tap, scratching the inside of the tube 
with a glass rod as the tube is cooled. When crystals form in one of the test 
samples, pour the rest of the solution into a boiling-tube and cool it under 
the tap, scratching as before. 

When the solution is at room temperature and no more crystals separate, 
filter off the crystals through a filter paper in a funnel and wash them with a 
small volume of distilled water, Open out the filter paper on to another filter 


æ% paper and allow the crystals to dry. 


Why is it necessary to use a different method when a soluble base is being 
used than when an insoluble base is the starting substance? 


The preparation of a pure dry sample of lead(II) 
sulphate. 


Lead (1!) sulphate cannot be prepared satisfactorily by adding sulphuric acid 
to either lead(I|) oxide or lead(I1) carbonate. Both of these compounds are 
insoluble in water. Also the rates of the reactions of sulphuric acid with them 
are very slow, as the product, lead(II) sulphate, is insoluble and is deposited 
on the lead(I!) oxide or lead (11) carbonate thus protecting them from further 
attack by the acid. 

It is necessary to use a two-stage process, the first of which involves 
preparing a soluble compound of lead. In this Investigation lead(II) 
carbonate is used as the starting material. 


æ Add 25 cm? of dilute nitric acid to a 250 cm? beaker and then add lead(I!) 


carbonate in small portions, the mixture being stirred after each addition 
and each portion being allowed to dissolve before the next one is added. 
When eventually no more will dissolve, filter the mixture into a boiling- 
tube. : ; 


Questions 
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Questions 


To the filtrate add dilute sulphuric acid until, when a small portion of the 
mixture is filtered and dilute sulphuric acid is added to the filtrate, no 
precipitate is produced. 

Precipitation of lead(Il) sulphate is now complete in the boiling-tube. 
Filter off the precipitate, wash it well with distilled water and then open out 
the filter paper on to another filter paper. The product can now be dried, 
either at room temperature or in a warm oven, z 


1 Which ions must have combined together to form the precipitate of 
lead(Il) sulphate? Write an ionic equation for the formation of the 
precipitate. 

2 When the precipitate is finally washed on the filter paper, what 
substances will be removed from it in the washings? 


Burning elements in oxygen and the behaviour of the 
oxides with water. 


You will need either three gas jars or three boiling-tubes full of oxygen, and 
three deflagrating spoons, either full size or the miniature type to fit a 
boiling-tube. R 

Wind a short piece of magnesium ribbon round the stem of one spoon, 
leaving one end sticking out, so that the ribbon can be ignited in a Bunsen 
flame. Teachers may prefer to demonstrate the magnesium experiment. 

Dip the bowl of a second spoon into powdered charcoal and the third into 
powdered iron dust. 

Heat each spoon in turn in a Bunsen flame and, when the element is hot 
or burning, lower the spoon carefully into the oxygen. 

Note the colours of the flames when the elements burn, ON NO 
ACCOUNT STARE AT THE MAGNESIUM WHILE IT IS BURNING. 

When the jars or tubes are cool, add a small amount of water to each and 
shake the vessels thoroughly. Now add a few drops of Universal Indicator 
to each jar or tube. By comparing the colour of each solution with those on, 
the chart or the label on the indicator bottle, find the pH of each solution. 


Your teacher may show you the burning of other elements, such as sulphur, A 


red phosphorus and calcium. 


1 Which of the elements you burnt in oxygen are metallic? 

2 Which of the elements you burnt in oxygen are non-metallic? 

3 What sort of solutions are formed when the oxides of metals dissolve in 
water? 

4 What sort of solutions are formed when the oxides of non-metallic 
elements dissolve in water? 

5 Why does iron oxide appear to give a neutral solution in water? 

6 What type of oxide would you expect to be formed by (i) chlorine, (ii) 
copper (copper(I!) oxide does not dissolve in water) ? 


Ses eres SS) eee eae de es ee 


Let us suppose that you are an underwater archaeologist. Your job is to equip vour- 
self with wet suit, face mask and air supply and to dive down to the bottom of the 
sea to seek for and explore the remains of ships, sunk a long time ago. Let us also, 
suppose that on one trip, you brought to the surface a gold plate which had been under 
the sea for many years and had become covered with coral and barnacles and limpets. 


One way of cleaning your prize would be to try to rub off the encrustation with a brush 
and detergent solution, but this would take a long time. A much easier method would 
be to put the plate in a tank containing dilute hydrochloric acid and simply leave it. 
The acid would dissolve the calcium carbonate in the deposits on the metal, which 
could then be cleaned easily. A similar sort of process can be used for cleaning off the 
scale or ‘fur’ which is formed when hard water is heated in a kettle. Also, you may 
have enamelled a piece of copper by a method in which the enamel is painted on to 
the copper and is then made solid by firing in a kiln. The firing produces a black 
deposit on the exposed copper, which can then be cleaned off by acid. 

In all these examples, an acid acts faster than water, with something being eaten 
away by the acid more rapidly than it can be removed by water. The power of acids to 
“eat away’, or corrode, materials has interested chemists for a long time. As often 
happens, the practical uses of these substances led people to try to discover what acids 
have in common which results in them all having this property. 

Before we can get an answer to this question about acids, we ought first to see exactly 
what will react with them and what products are formed in the reactions. The 
important reactions which most acids undergo, are the following. 

1. Most acids react with certain metals, setting free hydrogen, the metal taking the 
place of the hydrogen, 


e.g. Zn(s) + H,SO,(aq) — 
zinc sulphuric zinc 
acid sulphate 


ZnSO,(aq) + H,(g) 
hydrogen 


2, Most acids react with a metal oxide or a metal hydroxide, forming water and 
a compound in which the metal in the oxide or hydroxide has taken the place of the 
hydrogen in the acid, 


e.g. MgO(s) + 2HCl(aq) > MgCl(aq) + H,O(l) 
magnesium hydrochloric magnesium water 
oxide acid chloride 
NaOH(aq) + HNO, (aq) > NaNO,(aq) + H,O(I) 
sodium nitric sodium water 
hydroxide acid nitrate 


The metal oxide or hydroxide neutralises the acid and is called a base. If a base is 
soluble in water, it is known as an alkali. 
3. Most acids react with carbonates, liberating carbon dioxide, 


e.g. ZnCO,(s) + H,SO,(aq) > ZnSO,(aq) + H,O(1) + CO,(g) 


In each of these reactions a compound is formed in which a metal has taken the place 
of the hydrogen in the acid, 


e.g. H,SO, gives ZnSO, 
sulphuric acid zinc sulphate 
or 


hydrogen sutphate 


This leads to the simple description of an acid as being a substance containing 
hydrogen which can be replaced by a metal. 


The compounds referred to earlier, in which the hydrogen of an acid has been replaced 
by a metal, are called salts and the simplest description of a base is a compound 
which will react with an acid forming a salt and water. Copper(II) oxide is‘a base 
because it reacts with sulphuric acid to form copper(II) sulphate and water. Sodium 
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11.11 

Acids and 
alkalis in terms 
of ions 


11.12 
Neutralisation 


hydroxide is a base because it reacts with hydrochloric acid to form sodium chloride 
and water. Thus bases are metal oxides or hydroxides. One important exception to this 
is a solution of ammonia (33.15), which reacts as though it were ammonium 
hydroxide, NH,OH. It reacts with, for example, hydrochloric acid forming 
ammonium chloride (a salt) and water: 


NH,OH(aq) + HCl(aq) > NH,Cl(aq) + H,O(1) 


j 
The ammonium part clearly resembles the sodium part of the reaction mentioned 
above involving sodium hydroxide. 3 
A base which is soluble in water is called an alkali. Sodium hydroxide and potassium 
hydroxide are two important alkalis, They dissolve readily in water, producing very 
corrosive solutions (called alkaline solutions) which react rapidly with acids. Ifa metal 
oxide dissolves it does so by reacting with the water to form the metal hydroxide which 
then dissolves, 


e.g. CaO(s) + H,O(1) > Ca(OH),(aq) 


Solutions of acids and alkalis readily conduct electricity which indicates that the 
solutions contain ions (6.7). Hydrogen is common to all acids and when an electric 
current is passed through a solution ofan acid, the hydrogen is attracted to the negative 
electrode, suggesting that hydrogen is present in the form of positively charged ions. 
This leads to a more detailed description of an acid as being a compound which 
dissolves in water, liberating hydrogen ions into the solution. 

This definition also had to be modified when it was discovered that a solution of an 
acid does not contain free hydrogen ions. 

Hydrogen ions have a great liking for water and the water in the solution holds them 
in the form of another positive ion, called the hydroxonium ion (or the oxonium ion): 


H+ + H,O > H,O+ 
hydroxonium 
ion 

The dissolving of other compounds to give acidic solutions will be similar, 

H,SO,(I) + H,O(l) + HsO*(aq) + HSO,-(aq) 
which is followed by: 

HSO,"(aq) + H,O(l) > H,O+(aq) + SO,?-(aq) 
A definition of an acid in terms of ions would therefore be that an acid is a substance 
which dissolves in water, liberating hydroxonium ions. The formula H,O+ is rarely 
used in equations. For simplicity, it is usual to write the ion as H* (aq), showing it to be 


a hydrated hydrogen ion. For example a solution of hydrochloric acid can be 
represented by: 


H*(aq) + Cl-(aq) 


Neutralisation occurs when an alkali reacts with an acid to form a salt and water. 
In fact, the positive ion from the alkali and the negative ion from the acid remain 
unchanged in the solution, and the mixture of these two ions in solution constitutes 
the solution of the salt produced in the neutralisation. These ions, which play no part 
in the neutralisation, are sometimes called ‘spectator ions. For example: 


Na*(aq) + OH~(aq) + H+(aq) + Cl-(aq) > Nat(aq) + Cl-(aq) + H,0(1) 
POSE SP SSIES a eS: 
unchangg@d spectator ions—together 


make up a solution of sodium chloride 
` 
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11.13 
Recognizing 
acids 


TABLE 11.1. Indicators 
for acids and alkalis 


Just as the names of the spectators are not included in the press report of a football 
match, so the formulae of the spectator ions are not included in our report of the 
reaction, which is the equation, and so the equation for all neutralisations in aqueous 


solution is: 


H*(aq) + OH" (aq) > H;0(1) 


One way to detect the presence of an acid in a solution is to taste the solution. Like an 
‘acid drop’ sweet, acids generally have sour tastes—indeed, the German word for acid 
is saure. Most of the sour-tasting substances we meet in our food contain acids. Vinegar 
contains acetic acid (now called ethanoic acid); oranges, lemons and grapefruits 
contain citric acid. Sour milk tastes as it does because, as the milk turns sour, it is 
attacked by bacteria which convert it to lactic acid. 

Tasting, however, is not a safe way of detecting an acid. If you tasted prussic acid 
(hydrogen cyanide solution), you would hardly have time to report your findings 
before you turned blue and died in terrible agony. Ethanedioic acid (found in the leaves 
of the rhubarb plant) could also cause you a premature end, though not as quickly as 
with prussic acid. We want a safer test for an acid than tasting it. 

It has been known for a long time that a particular dye, obtained from a species of 
lichen, changes colour when it is put into an acid solution. The dye, called litmus, is 
now made from simpler compounds and dissolves in water to give a purple solution 
which turns red when an acid is added. A dye which changes colour when an acid is 
added is called an indicator. Clearly the safest way of finding whether a solution 
has an acid in it is to add such an indicator. Litmus also changes colour when alkalis are 
added to it. In this case it changes from purple to blue and so it can be used to detect the 
presence of alkalis as well as acids. 

Nowadays we do not have to rely on plant material for indicators. We have a range 
of synthetic dyes which will detect acids and alkalis for us. Dyes such as methyl 
orange, phenolphthalein, methyl red and bromothymol blue are regularly used for this 
purpose. The colours which indicators show when added to acidic or alkaline solutions 
are listed in Table 11.1. 


COLOUR IN 


INDICATOR 
ALKALI 


litmus red blue 
methyl orange orange yellow 
phenolphthalein colourless red 


red yellow 


methyl red 
yellow blue 


bromothymol blue 


The indicators mentioned above do not tell us how acidic a solution is. If 5 cm? of 
dilute sulphuric acid are added to 5 cm? of water, the mixture will turp purple litmus 


solution red. If 5cm? of dilute sulphuric acid are added to 100 cm? of water, the _ 


solution will still turn purple litmus red, although it-is obviously more dilute than the 
previous one and therefore not as acidic. So how can we find out how acidic a 
solution is, and how can we, express our answer? 

The figure the chemist uses to denote the level of acidity of a solution is the pH 
number of the solution. Any acidic solution has a pH of less than 7. Because 
the letter p in pH is concerned with the reciprocal of the concentration of acid (the 
hydrogen ions from the acid), the lower the pH, the. more acidic is the solution. A 
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TABLE 11.2. 
The pH scale 


11.14 
Weak acids and 
weak alkalis 


solution with a pH of 2 is more acidic than a solution with a pH of 4. Sour milk has a pH 
of about 5:5, and the fact that the pH is less than 7 tells us that it must have acid in it. 
Mi on the other hand, has a pH of 2-4 and this therefore is more acidic than sour 
milk. 

The idea of pH can also be used for alkaline solutions and will tell us how alkaline a 
solution is. Solutions of alkalis have pHs greater than 7 and in these cases the more 
alkaline the solution, the higher is the pH. A solution with a pH of 13 is more alkaline 
than one with a pH of 10. 

A small number of water molecules in a pure sample of water are split up into 
hydrogen ions and hydroxide ions: 


H,O(1) > H+(aq) + OH-(aq) 


but as these are present in equal numbers, pure water is neutral. Its PH is 7 and this is 
the pH of any neutral solution. For example, sodium chloride solution has a pH of 7 
and therefore is neutral, being neither acidic nor alkaline. The whole PH scale can be 
summarised as in Table 11.2. 


1 2 3 4 5 6 8 9 WSN 12 13 14 
ACIDIC ALKALINE 
SOLUTIONS SOLUTIONS 


ACIDITY INCREASING ALKALINITY INCREASING 


SNOILATOS TVULAAN ~ 


A dilute solution of sodium carbonate has a pH of about 11, This tells us that it is a 
moderately alkaline solution. A solution of carbon dioxide in water has a pH of 5 which 
indicates that the solution is acidic, but only slightly so. 

One way of finding the pH of a solution is to usé a mixture of indicators called 
Universal Indicator, which shows different colours at different pHs. For example, it is 
red when the pH is 4 or less, orange at pH 5, yellow at pH 6 and bluish-green in a 
neutral solution at pH 7. The maker of the indicator usually supplies a chart or a label 
on the bottle which shows the colour the indicator gives at a particular pH. To find the 
pH of a solution, it is only necessary to add a few drops of the indicator solution and 
then to compare the colour produced with those on the chart or label. 


Ifa solution of hydrochloric acid is diluted the pH of the solution increases, showing 
that the solution is less acidic because, as you would expect, the concentration of the 
hydrogen ions in the solution has decreased. However, when the pH of different acids 
in solutions of equivalent concentrations are measured, it is found that the pH value for 
some acids is higher than expected. For example, the pH of a solution of hydrochloric 
acid containing 0-1 mol dm~ is 1, whereas the pH of a solution of ethanoic acid of the 
same concentration is about 3, indicating that ethanoic acid is weaker than 
hydrochloric acid. 

The conductance ofa solution ofa weak acid such as ethanoic acid is less than that of 
strong acid in a solution of equivalent concentration. This observation suggests that 
there are fewer ions present in the solution of the weak acid. The solution of ethanoic 
acid is less acidic than expected because not all of the acid is split up into hydrogen ions 
and ethanoate ions: 
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11.15 
Salts 


11.16 
Preparations of 
salts | 


1H TABLE 11.3. Common 
insoluble salts 


CH,COOH(aq) —> H+(aq) + CH,;COO-(aq) 
ethanoic ethanoate 
acid ions 
Similarly, some alkalis, for example ammonia solution, are weak alkalis because 
their solutions contain fewer hydroxide ions than you would expect. 


As we have already said, a salt is the compound formed when the hydrogen ofan acid is 11.17 
replaced by a metal. When one mole of the acid can give rise to one mole of hydrogen | Pr tone aF 
ions (or more correctly hydroxonium ions), as with hydrochloric acid and with nitric solekle ai al 


i i icular metal. For 
id, replacement can only result in the formation of one salt ofa particular J 
E the only sodium salt which can be formed from hydrochloric acid (HCI) is 
sodium chloride (NaCl), where all the hydrogen has been replaced by the metal. An 
id of this sort is called a monobasic acid. i ‘ l 
Peer one mole of acid can form two moles of hydrogen ions, as with sulphuric 
acid (H,SO,), two salts ofa particular metal can be produced. The first is formed when 
half the hydrogen ions have been removed, and the second when the rest have reacted. 
When sulphuric acid is reacted with sodium hydroxide solution and the same 
number of moles of sodium hydroxide as there are of sulphuric acid have been added, 
the following reaction will have taken place: 
H,SO,(aq) + NaOH(aq) > NaHSO,(aq) + H,O(1) 
The salt formed here is sodium hydrogensulphate. Because there is still some 


laceable hydrogen in it, it is an acid as well as a salt, and so is known asana : 
Whe anol AENA quantity of alkali is added, a second reaction takes place: 
NaHSO,(aq) + NaOH(aq) > Na,SO,(aq) + H,O(1) 
is ti i i i i ions from 
the product this time being sodium sulphate, which, with all the hydrogen ions 
the acid having been tied up in the form of water, is called a normal salt. ig 
Because each mole of sulphuric acid can produce two moles of hydrogen ions, it is 
called.a dibasic acid. Phosphoric acid (H,PO;) is a tribasic acid and can form three 
sodium salts, two (NaH,PO, and Na,HPO,) being acid salts and one (Na,PO,) being 
a normal salt. 


Whenever we are faced with the job of preparing a salt, the first question asked must be 
“is it soluble or insoluble in water?” neers i : 

For simple salts the answer to that question is given in Table 11.3, which contains an 
indication of those salts which are not soluble in water. 


sulphates lead(II) sulphate, barium sulphate, calcium sulphate 
chlorides lead(II) chloride, silver chloride 
nitrates none 
carbonates all except sodium carbonate, potassium carbonate, i 
ammonium carbonate 5 11.18 
3 Preparation of 
If the salt to be prepared is insoluble it must be prepared by a method which does not insoluble salts 


result in the formation of a mixture of product and starting material. For example, if 
you try to prepare lead(II) sulphate from lead metal and sulphuric acid,.the reaction 
will be very slow because the lead will become coated with insoluble lead (IT) sulphate. 


116 


You will end up with a mixture of lead (II) sulphate and unreacted lead rather than 
pure lead(II) sulphate. 

Tf the salt is soluble it can be prepared by reacting the appropriate acid with the 
metal or its oxide, hydroxide or carbonate as would be expected from the reactions of 
acids met earlier in this chapter. 


The following methods are available, 
1. The action of an acid on a metal. 

This method would not be suitable for the preparation of salts of potassium, sodium 
and calcium, since the reactions of these metals with acids would be too violent. Also, 
the metals just above hydrogen in the reactivity series react too slowly for this to be the 
best method. 

In those cases where it is convenient, the metal is allowed to react with the acid, 
warming ifnecessary, until gas is no longer given off. The excess metal is filtered offand 
the solution is concentrated by evaporation until a hot saturated solution is obtained. 
This will then form crystals on cooling, and these can be filtered off, washed with a little 
water and dried on the filter paper. 

2. The action of an acid on a base (a metal oxide or hydroxide). 

If the base is insoluble in water, it is added in small portions to the warm acid with 
continuous stirring, until no more will dissolve. The undissolved solid is filtered offand 
the solution is again concentrated by evaporation before cooling to produce crystals of 
the product. 

If the base is soluble in water (i.e. an alkali), the problem is then to know when the 
acid has just all been neutralised. This is solved by putting an indicator into the acid 
and then adding the alkali solution in small portions (preferably from a burette) until 
the indicator just changes colour. The indicator can be removed by boiling the solution 
of the salt for a few minutes with a pinch of charcoal. This substance has the ability to 
adsorb complicated molecules, like those of the indicator, on its surface. On filtering, 
the dye stays with the charcoal in the filter paper and the crystals can be obtained 
from the filtrate as in Method I. 

In the case of the neutralisation of sulphuric acid with sodium hydroxide solution, 
the indicator changes colour when all the hydrogen of the acid has been converted to 
water. At this stage a solution of the normal salt (sodium sulphate—Na,SO, ) has 
been formed. If half the volume of sodium hydroxide solution required to change the 
colour of the indicator is added to the same volume of the sulphuric acid as above, 
only half the hydrogen of the acid is converted to water. The solution can be 
crystallised to give the acid salt (sodium hydrogensulphate—NaHSO, ). 

3. The action of an acid on a carbonate. 

As in the preparation from an insoluble base, an insoluble carbonate is added in 
small portions to the acid, warming if necessary, until there is no further effervescence 
and some of the solid remains undissolved. The mixture is filtered and the filtrate is 
crystallised as before. 

If the carbonate is sodium, potassium or ammonium carbonate, it is soluble in 
water. The preparation of a salt, starting with it, would follow the same method, 
using an indicator, as a preparation from an alkali. 


Insoluble salts have to be prepared by a nfethod called double decomposition. In 
this method two compounds ‘change partners’. Lead (IT) sulphate is, as indicated in 
Table 11.3, insoluble in water. If dilute sulphuric acid (hydrogen sulphate) is added 
to a solution of lead (II) nitrate, partners are changed and the products are lead (II) 
sulphate and nitric acid (hydrogen nitrate). The lead (II) sulphate is insoluble and 
separates as a solid, called a precipitate: R 
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11.19 
Metallic and 
non-metallic 
elements 


| Deflagrating 
spoon 


Element 


Oxygen 


Fig, 11.3 Burning 
elements in oxygen 


TABLE 11.4, The burning 
of some metallic and 

some non-metallic 

elements in oxygen 


b 


Pb(NO,)2íaq) + H,SO,(aq) > PbSO,(s) + 2HNO,(aq) 


What actually happens here is that the solution of lead (II) nitrate contains lead(II) 
ions and the dilute sulphuric acid hasin it sulphate ions. When the solutions are mixed, 
thelead(I1) ions and the sulphate ions come together to form solid particles of lead(I1) 
sulphate which appear as the precipitate: 


Pb?+(aq) + SO,2-(aq) > PbSO,(s) 


Any insoluble salt is prepared by a method similar to this. All that it is necessary is to 
mix together a solution ofsalt containing the positive ion of the salt to be prepared, and 
a solution containing the negative ion. : 

The precipitate in each case can be separated by filtration, washed with water and 
then dried. 

The coming together of the ions to form crystals of the precipitate will only take 
place in solution. If the salt has to be prepared from the insoluble metal oxide, 
hydroxide or carbonate, a solution of the metal ions has first to be prepared by 
dissolving the base or carbonate in dilute nitric acid. The solution containing the 
appropriate anion can then be added to form the precipitate. 


It is not always easy to decide whether an element is a metal or a non-metal by 
examining its physical properties (1.4). There are some non-metallic elements, like 
carbon in the form of graphite, which are metallic in appearance and behave in some 
ways like metals. Also there are some metals which have low densities and melting 
points, like non-metallic elements. The only satisfactory way of deciding arises from 
the chemical reactions of the two sorts of elements. 

The usual method is to convert the elements to their oxides and then examine the 
properties ‘of the oxides. In the laboratory, this is most easily shown with 
elements which burn in oxygen. The apparatus in Fig. 11.3 can be used to burn some 
solid elements. The colours of the flames and the names of the oxides are given in Table 
11.4. 

Some metal oxides can be distinguished from the oxides of the non-metallic elements 
by adding water and then Universal Indicator to the jar after the element has been 
burned. The oxides of the non-metallic elements cause the indicator to turn red, 
orange or yellow, showing that their solutions are acidic. In each case the oxide 
combines with the water to form an acid, sulphur dioxide forming sulphurous acid, 
carbon dioxide carbonic acid, and phosphorus(V) oxide phosphoric acid. Non- 
metallic elements can therefore be said to form acidic oxides, Some oxide solutions are 
more acidic than others, and this is why the pHs of the solutions, and hence the colours 
produced with the Universal Indicator, vary. : 

The oxides of the metals, calcium, sodium, potassium and to a very slight extent, 
magnesium combine with the water, forming the metal hydroxides. These dissolve in 
the water and are therefore alkalis, The Universal Indicator will turn blue or purple, 


ELEMENT COLOUR OF FLAME NAME OF OXIDE 


calcium oxide 

sodium peroxide 
- -potassium superoxide 
iron (powder) yellow sparks iron oxide 
magnesium bright white magnesium oxide 
sulphur blue sulphur dioxide 
phosphorus yellow phosphorus(V) oxide 
carbon red glow carbon dioxide 


calcium red 
sodium yellow 
potassium light purple 
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11.20 
Amphoteric 
oxides and 
hydroxides 


11.21 
Precipitation 
of insoluble 
hydroxides 


TABLE 11.5. 


showing that the pHs of the resulting solutions are greater than 7. Iron oxide does not 
dissolve in water and so is not an alkali. The pH of its mixture with water is 7 (the 
pH of the water). Nevertheless, the iron oxide is like the other metal oxides in that it 


will neutralise acids, and so, while not an alkali, it is a base. Metallic elements, 
therefore, form basic oxides. 


Some metal oxides react with both acids and alkalis. Fo; 


0 des re r example, zinc oxide reacts 
with hydrochloric acid, ; 


ZnO(s) + 2HCl(aq) > ZnCl,(aq) + H,0(1) 
and with sodium hydroxide solution: 


ZnO(s) + 2NaOH(aq) + H,O(1) > Na,Zn(OH),(aq) 
sodium zincate 


In the first reaction zinc oxide is acting as a basic oxide and in the second it is acting 
as an acidic oxide. An oxide which has both basic and acidic properties is called an 
amphoteric oxide. Aluminium oxide and lead(II) oxide are also amphoteric, 

Ifthe hydroxides of these three metals are prepared by adding a few drops of sodium 


hydroxide solution to solutions of salts of the metals, they all appear as white 
precipitates, 


e.g. Pb(NOs).(aq) + 2NaOH (aq) > Pb(OH),(s) + 2NaNO,(aq) 
or Pb?+(aq) + 20H-(aq) > Pb(OH),(s) 


When an excess of sodium hydroxide solution is added to each of these precipitates, 
they dissolve to form clear solutions. The metal hydroxides have reacted with the 
alkali to form sodium plumbite and sodium aluminate respectively: 


Pb(OH),(s) + 2NaOH(aq) — Na,Pb(OH),(aq) 
AI(OH),(s) + NaOH(aq) —> NaAl(OH),(aq) 


Thusinaddition to the expected basic properties these hydroxidesshow acidic properties 
and are therefore amphoteric. 


The precipitation of hydroxides can be used to distinguish between metals in the form 
of solutions of their salts. The colours of the precipitates which are formed by adding 
a few drops of sodium hydroxide solution or ammonia solution (ammonium 
hydroxide) (33.12) to solutions of salts of common metals are given in Table 11.5, 


EFFECT OF EFFECT OF 
COLOUR OF THE EXCESS SODIUM ` EXCESS 
METAL IN PRECIPITATE OF HYDROXIDE AMMONIA 
THE SOLUTION THE HYDROXIDE SOLUTION SOLUTION 


calcium white* am 


magnesium white 


aluminium white dissolves 
zinc white dissolves dissolves 
lead (11) white dissolves 
iron(II) green 

iron (III) red-brown 
copper(II) blue dissolves 


* Calcium hydroxide is more soluble than the hydroxides of the other metals listed and because 
of this it is not precipitated by ammonia solution, 
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These colours help us to identify an iron (II) salt, an iron (111) salt and a copper(II) 
salt, but as all the others are white they cannot be distinguished by this test alone, 
However, if excess sodium hydroxide is added to the precipitates, aluminium, zinc 
and lead(II) hydroxides will dissolve, as they are amphoteric (11.20). This 
distinguishes them from the calcium and magnesium hydroxides. TA 

Excess ammonia solution reacts in a different way with two of the precipitates. It 
forms complex ions (15.5) with the copper (II) ions to form a deep blue solution, and 
with the zinc ions to form a colourless solution. This test identifies copper and 
distinguishes zinc from aluminium and lead. Lead can be distinguished from 
aluminium by its insoluble sulphate and chloride. 


1. Acids usually react with metals forming salts, react with bases forming salts and 
water, and react with carbonates setting free carbon dioxide. > 

2. An acid is a substance which dissolves in water, forming hydroxonium ions 
usually written as hydrated hydrogen ions, H*(aq)). : i 

shi ‘ pies a compound which neutralises an acid, forming a salt. It is usually the 
oxide or hydroxide of a metal. An alkali is a soluble base. ; 4 

4. A saltis the compound formed when the hydrogen of an acid is replaced by a metal. 
Ifall the hydrogen is replaced, a normal salt is formed. If only part is replaced, an 
acid salt-is formed. H 

5. Acidic solutions can be recognized by their ability to change the colours of certain 
dyes called indicators. 3 ied oe 

6. The pH ofa solution tells us how acidic or alkaline a solution is. As acidity rises, the 
pH falls. The more alkaline a solution, the higher its pH. A neutral solution has a 

H of 7. i : 3 " 

7. Soluble šalts can be prepared by the action of the appropriate acid on the 
appropriate metal, metal oxide, metal hydroxide or metal carbonate. Insoluble 
salts have to be prepared by double decomposition and are precipitated on mixing 
two solutions containing the appropriate ions. : ace 

8. Metallic elements form basic oxides; non-metallic elements form acidic oxides. 

9. Aluminium, lead and zinc form amphoteric oxides and hydroxides. 
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Chapter 12 


Families of elements 


SS: 


Investigation What patterns are there in the melting points and 
12.1 boiling points of elements? 


The melting points and boiling points of the elements are given in the Data 
Section. For the elements with atomic numbers from 1 to 38, plot a graph of 
melting point against atomic number. On a second sheet of graph paper, 
plot a graph of boiling point against atomic number. In both graphs leave a 
‘ gap between elements 20 and 31 (i.e. omit elements 21 to 30). 
Questions Which elements correspond to the minimum points on the graphs? 
In what way are these elements chemically similar? 
Which elements correspond to the maximum points on the graphs? 
Do you expect the properties of these elements to be fairly similar or quite 
different? 
5 Lithium, sodium and potassium have similar properties. Look at the 
graphs to see where these elements lie in relation to the maximum points on ` 
the graphs. What other groups of elements can you find from the graphs, 
where the members of a group have similar properties? 


PWN 


What pattern is there in the atomic volumes of the 
12.2 elements? 


The atomic volume of an element is the volume which would be occupied by 
1 mole of atoms of the element if it were in the solid state, 


œ By looking up the required values in the Data Section, plot a graph of atomic 
volume against atomic number for the elements with atomic numbers from 3 
to 38 but leaving a gap between elements 20 and 31 as before. 


Questions 


1 Look at your graph and decide whether it is better to describe the way in} 
which atomic volume varies with atomic number as regular or periodic. A. 
regular variation is one in which one value increases steadily as the other. 
increases. A periodic variation is one in which a certain type of variation is 
repeated at intervals. ; 
2 Which elements correspond to the maximum points on the graph? 
3 The elements which you listed in your answer to Question 2 are also very 
similar in their chemical behaviour. From your graph, suggest elements (one 
in each case) which are likely to behave in a similar manner to each of the 
following: 

(a) chlorine 

(b) magnesium 

(c) argon 
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12.3 


Questions 


Investigation 


To find a more convenient and useful arrangement of 


the elements. 

Write the symbols of the elements 3 to 38 (but omitting elements 21 to 30) in 
one continuous row. Now rewrite the list, except this time arrange the 
elements in a series of horizontal rows so that elements with similar 
characteristics are placed vertically under each other. Start with lithium (Li) 
and then start a new row each time a similar element occurs. Compare your 

æ table of the elements with the relevant part of the Table on p. 381. 


1 Are the elements in the first vertical column of the table metals or non- 


metals? 
2 Are the elements in the next to the last vertical column in the table metals 


or non-metals? 
3 Look at the names of the elements between 20 and 31. Are those that you 


recognise metals or non-metals? 


eee Eee 


12.4 


The elements 


In our world it is possible to find and to extract about ninety substances which, 
except under very rare conditions, cannot be split into other substances. These 
substances, as we have said before, are the elements. Within the list of the elements 
there is a wide variety of substances. There are many metals, like magnesium, iron, 
copper and gold; there are some non-metallic solids, like carbon, sulphur and 
phosphorus; there are many gases, like oxygen nitrogen and neon and there are even 
two, mercury and bromine, which are liquids. Why is there such variety among the 
elements? 

In order to try to answer this question, we have to carry out a deeper study of the 
elements. If you were given a pile of coins of different sorts and you wanted to study 
them, the chances are that your first move would be to make groups of similar coins 
and so classify the coins. This is what chemists set out to do with the elements—to 
divide them into groups containing those which are similar in some way, and so classify 
them. 

Chlorine, bromine and iodine are elements which, at first sight, look very different. 
Chlorine is a pale green gas, bromine a deep red liquid and iodine a shiny black solid, 
but the three elements do react in similar ways with the same substances. Each will 
combine directly with hydrogen, forming a gas which dissolves in water to give an 
acidic solution: 


Has) + L(g) +> 2HI(g) 
Heated metals such as zing will combine with all three of them, forming similar salts: 
Zn(s) + -Cl(g) —> ZnCl,(s) 
Zn(s) + Br(g) —> ZnBr,(s) 
Zn(s) + Ig) —> Znl,(s) 


Clearly these three elements can be grouped together into a family on the basis of their 
reactions. The same thing is true of the three metals, lithium, sodium and potassium, 
which show close similarities in their reactions with water, air and chlorine. Again they 
obviously make up a group or family. Here, therefore, we have two families of 
elements (called the halogens and the alkali metals respectively). What 
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12.5 
The search for a 
classification 


12.6 
Periodicity 


12.7 
The first 
Periodic tables 


The search for the framework in which the i p 
1 fo > elements are classified occupied 
ears and it i if ie 
ye ae nd it is only comparatively recently that a complete classification has been 
In 1817 Johann Dobereiner. who was a e i 
» Who was a professor at the University of Jena, noticed 
a three elements with very similar chemical behaviour, calcium, i pe 
arium, had relative atomic masses which fitted a simple relationship. The relative 
yi ne mass of. strontium (88) is almost midway between that of calcium (40) and that 
pies 137) and E led him to call this group of elements a ‘triad’ By 1829 two 
cr “obereiner triads had appeared, and these were, in fact, the t 
elements which we met earlier in the cha; ren @hisrine Coo 
elen ¢ pter—the halogens (chlorine, bromi 
Paing) and the alkali metals (lithium, sodium and AN ): Not diy ce ake 
c sica behaviours of the three elements similar in each case, but the relative atomic 
za of the middle one fell halfway between the other two. Döbereiner’s triads have 
en swamped in the modern classification of the elements. However, his efforts 


was the number of the place an element occupied when the i 
of increasing relative atomic mass. (A eae system Mesh tis ae eae 
numbers, is used in the modern classification ‘of the elements.) Secondly, and more 
important, he showed the existence of a Periodicity within the list of denena A 
periodic event is something which occurs at regular intervals, like a new issue of a 
magazıne appearing on the bookstalls on a particular day each week. Newlands was 
suggesting that similar properties occurred at regular intervals in the list of elements, 
Unfortunately, this periodic relationship held good for the first sixteen elements but 
fell down after the seventeenth, and this made scientists reluctant to accept Newlands’ 
ideas. Indeed, when he lectured on them at a meeting of the Chemical Society in 
London, he was received with considerable scorn and it was twenty years before his 
contribution was recognised by the award of the Davy Medal by the Royal Society. 
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Fig. 12.1 Lothar Meyer's 
atomic volume curve 


relative atomic masses. The atomic volume of an element is the volume which would 
be occupied by 1 mole of atoms of the element if it were a solid. The curve which 
Lothar Meyer obtained is shown in Fig. 12.1. 
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Relative atomic mass 


i ithi iumand 

The highest points on the left-hand side of the curve are those for lithium, sodium “a 
potassium, which, as we have seen, are similar elements. The corresponding an 
on the right-hand side of the curve are those for rubidium and caesium, suggesting 
„these are also alkali metals. 5: : 

Indeed, an examination of the properties of rubidium and caesium shows that 
are similar to the other alķali metals and hence should be placed oe a af 
family of elements. The regular spacing of the highest points confirms the i 

eriodicity which Newlands suggested. ; a 
i Notice how the points for the members of the other family we have met— choa 
bromine and iodine—are in corresponding positions on the peaks of the cun A te 
again their regular spacing confirms the periodic nature of their properties. a 
occupation of corresponding positions on the peaks of the curve is an Saye k 
elements being members of a family, the other families can be identified fro 
curve. eed e n 

Evidence similar to that obtained by Lothar Meyer in his study OF aang vorai 
can be obtained by plotting the melting points or the boiling points of the e! 
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on the curve obtained by plotting the atomic volumes of the elements against their 


Fig. 12.2 Dimitri 
Mendeleev 
(1839-1907), the 
Russian chemist who 
published the first periodic 
table of the elements in 
1869. 


12.8 
Using the 
classification 


TABLE 12.1. Mendeleev’s 
predictions of the 
properties of 


germanium 


against their relative atomic masses. Again the idea of periodicity is confirmed and 
there is some evidence as to which elements can be grouped into families, 

Although the work of Lothar Meyer took us close to the modern Periodic Table, the 
contribution which is considered to have taken us closest was made in March 1869 by 
Dimitri Mendeleev, who taught at the University of St. Petersburg (now Leningrad). 
Mendeleev constructed his table using relative atomic mass as the basis of the 
arrangement. He put down the elements in order of increasing relative atomic mass 
and grouped together elements he knew to be similar in behaviour. Unlike his 
predecessors, however, he left gaps for elements which, he said, had not then been 
discovered. Also he grouped together ‘odd’ elements which did not appear to fit into 
the main groups (e.g. cobalt and nickel). 


One of the most spectacular features of Mendeleev’s work was his predictions about the 
elements which had not been found in his day and for which he left gaps in his table. He 
knew from the relative atomic masses that tin could not come immediately below 
silicon in the group of elements containing carbon. He suggested that this gap 
should be filled by an element which he called ‘eka-silicon’, whose properties he was 
able to predict by considering the properties of the elements before and after the gapin 
the table. When the element was discovered in 1886 and was named germanium by its 
discoverer, Winkler (after his homeland), its properties were shown to agree closely 
with those predicted by Mendeleev. The close agreement provided very strong proof 
that Mendeleev’s ideas about classification were correct, How close his predictions 
were are shown in Table 12.1. 

Mendeleev had similar success with his ideas about ‘eka-boron’, found in 1879 and 
named scandium, and ‘eka-aluminium’, found in 1875 and named gallium. The whole 
of his work was summarised by his ‘Periodic Law’ which was stated as ‘the elements’ 
arranged according to the magnitude of their relative atomic masses, show a periodic 
change in properties’. 


PROPERTIES OF EKA-SILICON 
(PREDICTED BY MENDELEEV) 


PROPERTIES OF GERMANIUM 


It will be a light grey metal. It is a dark grey metal. 


One atom will combine with two atoms 
of oxygen to form a white oxide with a 
high melting point. 


One atom combines with two atoms of 
oxygen to form a white oxide with a 
melting point above 1000°C. 


The oxide will have a density of 
4-7 g cm™. 


The density of the oxide is 
4-703 g cm™?, 


The chloride will have a boiling point 
less than 100°C. 


The chloride boils at 86-5°C. 


The density of the chloride will be 
1-9 g cm™. 


The density of the chloride is 
1-887 g cm, 
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12.9 
Atomic number 


Table 


12.10 
Relationships in 
the Periodic 
Table 


12.11 

How do the 
elements in a 
period vary? 


ae j ha es 


and the Periodic 


Mendeleev’s Periodic Table showed, however, a number of cases where his 
Periodic Law was not obeyed. Mendeleev placed tellurium (relative atomic mass 
127-6) in what appeared to be its rightful place under selenium. This was, however, in 
front of iodine (relative atomic mass 126-9) which clearly should be grouped, as he ` 
put it, with chlorine and bromine. His justification for this was that more accurate — 
determinations of relative atomic masses would eventually show the mass of the 
tellurium atom to be less than that of the iodine atom. This has not been found to beso, | 
Why can we place the element with the greater relative atomic mass in front of the 
element with the smaller? : 


The answer to this question was not to appear until 1913. Lord Rutherford, working in | 
the Physics Department of the University of Manchester, had found that an atom ofan 
element has in it a central nucleus (13.3) which carries a positive electrical charge. 
Working with Rutherford in 1913, a young research student, Henry Moseley, showed 
by investigation of the X-ray spectra of elements that this positive charge is a definite 
amount, and increases regularly by an equal amount from one element to the next. If 
the charge on the hydrogen nucleus is given a value of +1, then the relative charge on © 
the nucleus of the next element (helium) will be + 2 and thaton the nucleus of the third 
element (lithium) will be +3, and so on. The positive charge on the nucleus of the 
atom ofan element is called the atomic number of the element. In the cases of iodine 
and tellurium, the nucleus of the atom of tellurium has a relative charge of +52, 
whereas that of the iodine atom carries a charge of +53. Thus, if atomic number is 
used as the basis of the Periodic Table, rather than relative atomic mass, tellurium and | 
iodine occur in the order which their chemical reactions suggest. 

Atomic number is the basis of the modern Periodic Table, shown on p. 381. The 
reasons for the relative atomic masses of elements such as tellurium and iodine being in 
reverse order to their atomic numbers will be discussed in 13.5. 


Before we can see how the Periodic Table helps us to understand the relationships 
between elements, there are two important names to be learnt. As can easily be seen, 
the Periodic Table contains vertical columns of elements and also horizontal rows of 
elements. 

A vertical column is a group. Lithium, sodium and potassium are in the same group 
and this group is Group 1. Fluorine, chlorine, bromine and iodine (the halogens) arein 
Group 7 in the table. 

A horizontal row of elements is called a period. The first period contains only two 
elements (hydrogen and helium), the second and third periods each contain eight 
elements, running from an alkali metal to a noble gas, and the fourth period has 
eighteen elements in it. 


The variation within a period is best revealed by a close examination of the third 


period which contains the elements from sodium (atomic number 11) to argon (atomic 
number 18): 


Na Mg Al Si P S Cl Ar 


The most obvious change in behaviour is the change from metallic to non-metallic 
elements (Table 12.2). We cannot really include argon in either class because 
although it is a gas like some non-metallic elements, it forms no compounds and 
therefore does not react as a typical non-metal. à 
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TABLE 12.2. Metallic and 
non-metallic elements 
in the third period 


Fig. 12.3 Division of the 
Periodic Table (excluding 
the transition elements) 
into metals and non-metals 


TABLE 12.3. Variation in 
valency across a period 


Na 


Mg Al Sige OAE Ar 
METALLIC NON-METALLIC 


Oxides are basic Oxides are acidic 


Chlorides are solids with high 
melting points and they are 
electrolytes 


Chiorides have low boiling points 
and are non-electrolytes 


Form positive ions in most 


Form negative ions in compounds 
compounds, e.g. Na+, Mg?+, Als+ 


-with metals, e.g. (Nat),S?-, Na*Cl- ; 


The division between metals and non-metals is not sharp. Aluminium forms an 
oxide which reacts with both acids and alkalis, suggesting that it is both basic and 
acidic and that aluminium is on the border between the metals and non-metals. The 
position of the division also varies from period to period in the Periodic Table. In the 
second period it occurs after beryllium in Group 2, while in the fourth period the 
Group 4 element, germanium, has metallic properties. In fact, the division forms a 
type of staircase which runs diagonally through the table (Fig. 12.3) 


Had ol ENO bce Maal 


Non-metals Ar 


The elements which to the greatest extent show the character of metals are those 
on the extreme left of the Periodic Table—lithium, sodium and potassium. The most 
non-metallic of the elements are those on the extreme right-hand side—fluorine, 
chlorine, bromine and iodine. The latter statement excludes the noble gases of Group 0 
which show almost no reactions and therefore from the chemical point of view are 
difficult to classify. 

There is a regular variation in the valencies or combining powers of the elements as 
we go across a period in the Periodic Table. The valencies which the elements in the 
third period show are listed in Table 12.3. 


GROUP NUMBER 


ELEMENT 


HIGHEST VALENCY 
LOWEST VALENCY 
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12.12 
How do the 
elements in a 


group vary? 


Tate 


`N 


If we consider the higher valencies of phosphorus, sulphur and chlorine, it is obvious ` 


that the valency increases by one as we move from group to group across the period. 
Also that valency of the element is equal to the number of the group in which the 
element falls. 

Considering the lower values of the valencies of these elements, the valency rises in 
steps of one from 1 in Group 1 to 4 in Group 4 and then falls in the same steps to | again 
in Group 7. In this case the valency is the same as the group number up to Group 4, and 
thereafter it is equal to 8 minus the group number. 

The regular variation in valency appears within a period which has been 
constructed by setting down the elements in the order of increasing atomic number. 
Again this indicates that the method of classifying the elements is sound. 
More fundamental reasons for the regular variation in valency will be discussed in 


Chapter 15. 


The elements in a group in the Peroidic Table have similar properties. For example, 
you may have seen that lithium, sodium and potassium all react with cold water to 
form an alkaline solution, hydrogen being given off in the process: 


QLi(s) + 2H,O(1) > 2LiOH(aq) + H,(g) 


This information can be used to predict that two other members of the group, 
rubidium and caesium, will react in a similar manner with water. 


eg. 2Rb(s) + 2H,O(1) > 2RbOH (aq) + H,(g) 


A closer examination of the properties of the elements within a group will show that, 
although they may all take part in the same type of reaction, there is often a regular 
change or trend in what is observed as the reactions occur. Typical of this is the 
reaction between alkali metals and water which becomes more vigorous as one 
proceeds down the group from lithium to potassium. It is reasonable to predict from 
this trend that rubidium will react more vigorously than potassium and that caesium 
will react more vigorously than rubidium. 

At the other side of the Periodic Table, in Group 7, observations indicate that the 
elements react less vigorously with, for example, iron, as the group is descended. The 
iron wool glows more brightly in the reaction with chlorine than in the reaction with 
bromine: A 


2Fe(s) + 3Cl,(g) > 2FeCl,(s) 
2Fe(s) + 3Br.(g) > 2FeBr;(s) 


Both of these trends within the group can be considered as an increase in metallic 
character (or a decrease in non-metallic character) as a group is descended. This is 
particularly clear in the centre of the Periodic Table. Group 4starts with carbon and 
silicon, both of which are clearly non-metals. These are followed by germanium 
which has more metallic properties, and then tin and lead which are clearly metals. 


If you examine the fourth period of the Periodic Table (the one starting with 
potassium) you will see between the Group 2 element, calcium, and the Group 3 
element, gallium, a series of ten elements (Table 12.4). 
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TABLE 12.4. The first 


transition series 


12.14 
Summary 


scandium 
Ti titanium 


Vv vanadium 

Cr chromium 

Mn manganese 
Fe iron 

Co cobalt 

Ni nickel 


copper 
zinc) 


This is called the first transition series. The name was originally given to a small 
number of these elements which appeared to mark a transition from one set of 
subgroups to another in a Periodic Table which appeared soon after Mendeleev’s 
original tables. 

As you would expect from the position of these elements in the Periodic Table, they 
are metallic—in fact, you will recognise in the series a number of the most common 
metals, such as iron, nickel and copper. As well as the usual properties of metals, 


they have a number of properties which are peculiar to them. These can be~ 


summarised as follows: 

1. They form ions which, in the presence of water, are coloured (e.g. the Cu?+ (aq) ion is 
blue). 

2. They can form more than one positively charged ion, which means that they can 
show more than one valency (e.g. iron will form Fe?+ and Fe*+ ions and is therefore said 
to have valencies of 2 and 3). 

3. The metals and their ions often show the ability to act as catalysts in reactions (e.g. 
iron acts as the catalyst in the combination of nitrogen and hydrogen to give 
ammonia). 

4. They often show magnetic properties and the metals which we tend to think of as 
magnetic (called the ferromagnetic metals), iron, cobalt and nickel, are found in the 


first transition series. 


The fifth and sixth periods also contain similar series of elements. 


1. In order to study what elements have in common, they have to be classified in a 
framework which is called the Periodic Table. 

2. The first classifications of the elements used their relative atomic masses, but the 
basis of the modern classification is the atomic number of the element, which is the 
number of positive charges on the nucleus of an atom of the element. The elements 
are arranged in order of increasing atomic number. 

3. The Periodic Table consists of vertical columns of elements, called groups, and 
horizontal rows of elements, called periods. 

4. The elements in the same group show similarity in behaviour, but the metallic 
character of the elements increases as we move down the group. : 

5. Ina period in the table, there is a transition from metallic elements, on the left, to 
non-metallic elements, on the right. The valency of the elements in the period 
either increases in steps of one, from 1 tq,7, as we move across the period, or it rises in 
steps of one, from 1 to 4, and then falls in the same steps to | again. In all 
examinations of trends within a period, the noble gas in Group 0 has to be excluded, 
owing to its lack of reactivity. i 3 

6. Between Groups 2 and 3 in the fourth, fifth and sixth periods are series of elements 
called transition elements. 
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Chapter 13 What do atoms consist of? 


a 


13.1 In 1803 John Dalton, a teacher in Manchester, wrote down in his notebook his 

Early ideas thoughts about the nature of gases, and so brought to life again ideas which had first 
been described in Ancient Greece. Between 400 and 450 B.C. Leucippus and 
Democritus suggested that all materials consist of very small particles, to which were 
given the name atoms, but these men were philosophers and were not able to prove 
their ideas in any way. The notion of the existence of atoms gradually became more 
popular as the years went by, and in the seventeenth century it was used by such great 
scientists as Robert Boyle and Isaac Newton. 

Dalton’s main contribution to atomic theory (4.7), which he published in 1808, was 
to point out the significance of the masses of atoms. In his writings he stated that atoms 
of one element differed in mass from atoms of another element. He coupled this with his 

Fig. 13.1 Marie Curie idea that a small whole number of atoms of one element combine with a small whole 
(1867-1934), famous number of atoms of another element (e.g. 1 atom of A with 1 atom of B or 2 atoms of A 

% i with 1 atom of B) and predicted the Law of Multiple Proportions (4.8). This law was 
first proved experimentally by Dalton and so provided strong evidence in support of 
the existence of atoms and the atomic theory on which the law was based. 

Although he didn’t actually state it, Dalton’s mental picture of atoms must have 
been like a series of miniature billiard balls suspended in empty space, the differences 
between the atoms of one element and those of another being a difference in mass. 

This picture lasted until near the end of the nineteenth century when Henri 
Becquerel found in 1896 that a photographic plate was fogged in the dark by uranium 
potassium sulphate. Further investigation showed that all uranium compounds 
exhibit this action and that they will also cause a charged electroscope to lose its 
charge. Becquerel had discovered radioactivity where uranium atoms, in his 
experiments, were spontaneously breaking up. 

A more spectacular discovery of radioactivity came two years later when’ Marie 
Curie, working in Paris, found that certain minerals containing uranium were more 
radioactive than was to be expected from their uranium content. Having been given a 
ton of the mineral pitchblende, from which uranium had been extracted, she 
concentrated it and extracted from it two highly radioactive elements, polonium 
(which she named after her native Poland) and then radium. 

When radioactive elements ‘decay’ (i.e. when the atoms break up), an emission 
takes place. One of the things which can be thrown out is an -particle, which was 
shown by Regener, and later by Rutherford, to be a helium atom carrying two positive 
charges. The decay usually occurs in several stages, each one involving the loss of either 
a particle (an ¢-particle or a f-particle) or radiation (y-rays). When the decay of 
naturally occurring radioactive elements has gone as far_as it can go, the product 
remaining is always lead. $ 

Some elements, therefore, were found to break down, releasing helium ions and 
other particles, and eventually forming lead. Atoms of such elements obviously cannot 
be thought of as being the same all the way through like billiard balls. There are 
probably in an atom of radium the bits which make up a helium atom and those to 
make up a lead atom. So what are these bits? 


Sor her work on 
radioactivity. (Courtesy 
Ullstein) 
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13.2 
What cathode 
rays have told us 


Fig. 13.2 A cathode ray 
tube 


Cathode 


To vacuum 
pump 


Fig. 13.3 (right) The 
lights for this advertising 
sign are obtained by 
passing electricity through 
tubes containing gases at 
low pressure. (Courtesy 
The Press Association) 


13.3 


The nuclear 
atom 


Fig 13.4 Ernest 
Rutherford (1871-1937) 
who in 1911 put forward 
the theory of the nuclear 
atom. (Courtesy The 
Cavendish Laboratory) 


The answer to this question started to emerge in 1897 when J. J. Thomson investigated 
the cathode rays which were first discovered in 1859 by Pliicker, At ordinary pressures 
gases are very poor conductors of electricity, but at low pressures their ability to 
conduct is considerably increased. If the gas is contained in a glass tube, fitted with an 
electrode at each end, and the pressure is reduced to about 0:6 kPa, a bright luminous 
discharge takes place when a high enough voltage is applied across the electrodes. 
Discharge tubes of this sort are used in strip lights and in advertising signs. If the 
pressure of the gas is reduced to about 0-001 kPa, the luminous discharge is replaced by 
very faintly visible rays, which travel from the cathode and are hence called cathode 
rays. These are emitted at right-angles to the cathode, 


Cathode rays 


Anode 


, [i 
The properties of these rays were investigated and they were found to be a stream of 
negatively charged particles of very small mass (1/1840 of the mass of a hydrogen 
veg called the particles ‘corpuscles’, but the name for them which was 
accepted, was that given in 1891 by Stoney who called them electrons. Thomson, in 
further work using his original apparatus, was able to show that, whatever gas was in 
the tube and whatever the material of the cathode, the value of ratio of charge toman 
was always the same. This led him to suggest that electrons were to be found in al 
atoms. The electron is one of the bits of which an atom consists, 


i i ained in all atoms posed a 
’s d ery that electrons are likely to be contained in all a ; 
PETERT It as own that an atom of an element, uncombined with another, is 
P eatridally neutral and therefore the negative charge, provided by the electrons, must 
be balanced by an equal amount of positive charge. Where the positive charge is 
situated in the atom was not known and Thomson was led to pew the Lator, a 
i 3 dding’, as a sphere which is positively charged and has the negatively 
a a ca ebéddel ii it. This idea was accepted until Rutherford replaced it 
tom’ at the beginning of the twentieth century. ‘ 
Aredia was a New Zilkade, born in 1871, who started his research 
work at the Cavendish Laboratory in Cambridge in 1895 ake atts! rica 
A i sed to the McGi niversi 
recognised by Thomson himself. In 1898 he movec i ; it 
Montreal pl it was here that he identifies Pome pura by high aael “a 
i 907 he moved back to England to Manchester University whe 
EEA ofthe nuclear atom in 1910. In 1919 he moved back to Cambridge as 
Cavendish Professor and it was here that many honours, inc 
were deservedly given to this great physicist who gave us so many o 
ideas on the structure of the atom. 


luding the Nobel Prize, 
f the fundamental 
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Fig. 13.5 Geiger and 
Marsden’s experiment 


ths of 


-particles @ Nucleus 


Fig. 13.6 The effect of 
the nucleus of an atom on 
bombarding &-particles 


When a radioactive element decays, it emits one of three sorts of radiation. One of 
them is easily absorbed by a sheet of paper or a few centimetres of air. This radiation 
was shown by Rutherford to consist of fast-moving positively charged helium atoms, 
called æ-particles. In 1909 two of Rutherford’s fellow workers, Geiger and Marsden, 
bombarded a very thin sheet of gold with a stream of a-particles. They found that a 
small proportion of the particles ‘bounced back’ from the foil at angles of greater 
than 90 degrees (Fig. 13.5), 


a-particle a 
bouncing back a REN 
\ 
E oa j 
ik | Atom of gold 
/ 
Ste < 
a@-particle 


Passing through the atom 


Only about one particle in 8000 bounced back in'this way, but Rutherford realised 
the importance of these few. The fact that a large proportion of the particles passed 
through the foil suggests that there is a large amount of empty space in the atoms of the 
foil. Rutherford showed that the bouncing back could only be explained by some of the 
particles coming close to a large positive charge. This positive charge must be 
contained in a volume at the centre of the atom, which is much smaller than the atom 
itself. 

Rutherfotd proposed the existence at the centre of the atom of a small, heavy, 
highly positively charged body, called the nucleus of the atom. He suggested that 
the electrons are distributed around the nucleus and perhaps moving like the planets 
round the Sun, Since the mass.of the electrons will be very small, nearly all the mass of 
the atom will be concentrated in the nucleus. The fact that the nucleus is very small 
compared with the size of the whole atom, is shown by the large majority of the 
a-particles managing to get through the atom. Only those scoring a ‘direct hit’ on 
the nucleus bounce back from the atom (Fig. 13.6). 

The problem which now faced Rutherford was to describe the composition of the 
nucleus in the light of its mass and positive charge. As has been stated in 12.9, Henry 
Moseley, one of Rutherford’s research students, showed by examination of X-ray 
spectra that the positive charge on the nucleus differs from element to element. There is 
always the same difference in nuclear charge between elements which are next to each 
other in the Periodic Table. This was explained by suggesting that the charge on the 
nucleus was due to the presence of another type of particle in the nucleus. The number 
of these particles in the nucleus of an atom of an element is always one more than is 
present in the nucleus of the previous element in the Periodic Table, For example, ifa 
sodium nucleus has eleven of these particles in it, a magnesium will have twelve, 
aluminium thirteen and so on. 

Rutherford suggested that this particle was a hydrogen atom which had lost its 
electron, that is, a hydrogen nucleus. The charge on the particle would be equal in size 
to that on an electron, but opposite in sign. An electron is said to have a relative charge 
of —1 and a proton a relative charge of +1. At the Cardiff meeting of the British 
Association for the Advancement of Science in 1920, Rutherford suggested the name 
proton for this particle. 

The first element in the Periodic Table, hydrogen, has | proton, giving its nucleus a 
charge of + 1. Outside the hydrogen nucleus there is one electron whose charge of — 1 
balances that of the nucleus. The second element, helium, has 2 protons and 2 
electrons, the third element 3 protons and 3 electrons, and so on. Thus, overall each 
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Fig. 13.7 James 
Chadwick, who discovered 
the neutron in 1932. 

(Courtesy Camera Press) 


13.4 
What do atoms 
consist of? 


TABLE 13.1. The 
fundamental atomic 
particles 


¢ 


atom has no charge, as the positive charge of the protons is balanced by the negative 
charge of the electrons. The total positive charge on the nucleus of an atom (i.e. the 
number of protons in the nucleus) is called the atomic number of the element. 

An important consequence of this theory is that we cannot expect to discover new 
elements which would be positioned between any of the known elements. For example, 
we cannot expect to find an element which comes between sodium and magnesium 
because it would have 11} protons in its nucleus which is not likely to be possible. This 
is why, when rocks are brought back from the Moon, or meteors are found, they 
must be made up of some of the elements we know on Earth. “ 

In the same year as he named the proton, Rutherford stated ina lecture in London 
that, in order to account for the mass of the atom, he predicted the existence of anome 
particle in the nucleus. This particle, unlike the electron and the proton, would p 
electrically neutral and could therefore be called the neutron. Twelve years ec ir 
James Chadwick showed that the radiation produced when a beryllium foil is 
bombarded with a-particles consists of a stream of particles with no electrical oo 
and with a mass very nearly the same as the proton. Rutherford’s neutron had : a 
found and it was then possible to state more precisely what each atom consisted ofan 
where in the atom the bits were to be found. 


Table 13.1 shows the relative masses and charges of the three fundamental particles 
which make up atoms. 


RELATIVE RELATIVE 
MASS CHARGE 


+1 
0 
1/1840 Si 


proton 1 
neutron 1 


electron 


The relative mass of the electron is so small (about 0:0005) that it can be neglected , 
talling up the relative masses of atoms. 2 
The Secale APN ofan element is the number of positive charges on the nucleus 
i in the nucleus. 
d is therefore the number of protons in 
trates the mass of the electrons in an atom can be en, Me man ok the aom Me 
ive atomic mass must therefore be the sum 
the mass of the nucleus. The relative ator ana A 
i he relative masses of the neutrons. Since 
relative masses of the protons and t! ‘caer css 
i i f the protons would be the number of p! f 
ass of each is one, the relative mass 0; 
Similarly the relative mass of the neutrons would be the number of ae babe ee 
relative atomic mass should be equal to the number of protons + the z ENS 
of neutrons. (Note that after the discussion on isotopes, 13.5, it is necessary 


this statement.) 
Now let us apply these rules to 
5 AA 
magnesium atom. The atomic num ; 
12 poate in the nucleus. The relative atomic ec ol ma 
of neutrons in the nucleus will be EN n relative a 
tomic number), i.e. 24—12 = 12. 
protons (the atom i r 
In an uncombined magnesium atom the nu 
number of protons, i.e. 12. 
The magnesium atom 
neutrons and there are 12 elec 
The compositions of other atoms can 


represented as in Fig. 13.8. 


icle ina 

rk out the numbers of each type of partic 
be of magnesium is 12 and there will therefore be 
f magnesium is 24 and the number 
the number of 


f electrons is the same as the 


has, therefore, a nucleus containing 12 protons and 12 


trons outside the nucleus. 
be worked out in the same way and can be 
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the fundamental particles 
in atoms of some elements 


13.5 
Isotopes 


Fig. 13.8 The numbers of 


“and 12 neutrons. This is represented as “M 


OXYGEN 
(atomic number 8; 


HYDROGEN : 
relative atomic mass 16) 


(atomic number 1; 
relative atomic mass 1) 


8 electrons 
1 electron 
1 8 protons 
Proton 8 neutrons 
¢ IODINE 
SODIUM (atomic number 53; 


(atomic number 11; 
relative atomic mass 23) 


relative atomic mass 127) 


53 electrons 


11 protons 


12 neutrons 53 protons 


74 neutrons 
URANIUM 

(atomic number 92; 
relative atomic mass 238) 


92 electrons 


92 protons 
146 neutrons 


The rules above seem simple to apply, but what happens in the case of chlorine where 
the relative atomic mass is 35:5? The atomic number is 17, which should make the 
number of neutrons in the nucleus 18}. Since we can’t cut a neutron in two, this is an 
impossibility. So how many are there of each particle in each atom of chlorine? 

In his original atomic theory Dalton stated that all the atoms of an element are alike. 
However, he was wrong about this. What decides the identity ofan atom is the number 
of Protons in the nucleus. An atom with 12 protons in the nucleus is an atom of 
magnesium, but there is nothing to say that there has to be 12 neutrons in the nucleus 
with the protons. In fact, it is possible to have several types of magnesium atoms, the 
only difference between them being the number of neutrons in the nucleus. The most 
abundant form is that which has a relative mass of 24, and nuclei containing 12 protons 

„neut g. Also found in naturally-occurring 
magnesium is 73 Mg, whose atoms have nuclei containing 13 neutrons,.and #8Mg with 


14 neutrons in each nucleus. These three different types of magnesium atoms are called 
isotopes of magnesium. 
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13.6 
Radioactive 
isotopes 


The relative mass of an isotope is called its mass number. When an isotope is 
represented in the way used for the magnesium isotopes above, the upper number is the 
mass number of the isotope and the lower number the atomic number of the element. 

Isotopes are different types of atoms of a single element whose nuclei contain the 
same number of protons but different numbers of neutrons. The word isotope means 
literally ‘in the same place’, indicating that the different forms of the element occupy 
the same position in the Periodic Table. Since the numbers of electrons in uncombined 
atoms of the different isotopes are the same, their chemical properties are the same. 

Most elements consist of more than one isotope and the answer to the chlorine 
problem lies in the isotopes of chlorine. Chlorine prepared from naturally-occurring 
salt contains two isotopes, #3Cl with 18 neutrons in the nucleus and #7Cl with 20 
neutrons in the nucleus. There are approximately three ?3Cl atoms to every ##Cl atom 
and the relative atomic mass will therefore be 


Coe as, 


Itis now necessary to modify slightly the statement given previously (13.4) about the 
sum of the number of protons and the number of neutrons in an atom. The statement 
now becomes: 

the mass number of an isotope = the number of protons + the number of 

neutrons. 

The relative atomic mass of an element is the mean value of the mass numbers of 
the isotopes of the element which takes into account the relative abundances of the 
isotopes in the naturally occurring element. 


If the only difference between isotopes of an element is a difference in the number of 
neutrons, why is there not an unlimited number of isotopes of a particular element? 
Why is it not possible to have #$Cl, #Cl, {$Cl, #Cl and so on with the difference 
between one isotope and the next being one neutron in the nucleus? The answer to this 
question lies in the fact that, as the number of neutrons becomes significantly greater or 
less than the number of protons, the nucleus becomes more unstable and the isotope 
becomes radioactive. 

This behaviour is clearly shown with carbon. The most abundant isotope of carbon 
is 12C. The nucleus contains six protons and six neutrons. Here the nucleus has a 
proton-neutron ratio of | and the nucleus is stable. 13C also has astable nucleus with 7 
neutrons to the 6 protons, but 14C, with a proton-neutron ratio of 6:8, is radioactive. 
Putting in more neutrons would make the nucleus so unstable that the particles could 
not hold together. ; ! s 

The radioactivity of 4C is a useful tool for archaeologists, since every material 
consisting of or made from something which was once alive (e.g. wood, leather, bone) 
contains 14C. This radioactive isotope of carbon is present in small quantities in the 
atmosphere. As fast as it decays more is produced by the effect of radiation from outer 
space, with the result that the amount present in, the atmosphere remains constant. 

Plants absorb 14C in part of the carbon dioxide which they take in during 
photosynthesis (9.4). Animals, in turn, absorb it by eating the plants. ne the momenta 
plant or animal dies the intake of 40 stops. The only change in the ¿C content after 
that instant is due to its decay. By measuring the level of radioactivity in an object 
made from once-living material and then relating it to the known rate of decay of AC, 
it is possible to determine the approximate age of the object. This technique is known 
as radiocarbon dating and in 1960 Willard Libby, an American, was awarded the 
Nobel Prize for Chemistry for his work in developing the technique. He perfected the 
technique by checking samples of material taken from inside an Egyptian pyramid 
which, from other evidence, was known to be of a particular age. 
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Fig. 13.9 Objects such as 
this mummy of an 
Egyptian princess who 
died about 1000 BC can 
be dated by carbon-14 
methods. (Courtesy The 
Trustees of the British 
Museum) 
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Carbon-14 decays by losing an electron from its’ nucleus. It is important to 
remember that this reaction only involves the nucleus of the atom. For this reason it is 
called a nuclear reaction. It is not a chemical reaction, as it does not involve the 
electrons which orbit around the nucleus. It does mean that the picture of the nucleus 
consisting only of protons and neutrons has to be modified. 
The loss of one electron from a carbon-14 nucleus can be explained by one of the 

neutrons in the nucleus changing to a proton and an electron: 

In tp + -ge 
This means that the nucleus now has 7 protons and a charge of +7. The carbon has 
changed to nitrogen: ios 

gC 1N + _%e 
This isotope of nitrogen is stable and is not radioactive. In this nuclear reaction, 
atoms of one element have changed into atoms of another element. Such changes 
never occur in chemical reactions. : 

As mentioned previously, '§ C decays at a constant rate. The decay occurs slowly, 
in that the half-life of the isotope is 5570 years. This means that if you had 100 g of 
14C, in 5570 years 50 g of it would decay. In the next 5570 years half of what was left 
would decay, leaving 25 g, and so on. There is an enormous variation in the half-lives 
of radioactive isotopes. They range from fractions of a second to millions of years. 

Electrons given off from radioactive substances are called f-particles. As 
mentioned in 13.1, some radioactive isotopes give off other types of radiation, called 
a-particles and y-rays. Alpha-particles are identical to the nuclei of helium atoms, 
$He. Therefore when a nucleus loses an particle, its mass decreases by 4 units and its 
charge by 2 units, as it has lost 2 protons and 2 neutrons. Gamma-rays are similar to 
X-rays. They are electromagnetic radiation in the same way that radio waves and 
light are,.but they have a much shorter wavelength. 

An important difference between these three types of radiation is their penetrating 
power. Alpha-particles are stopped by about 7 or 8 cm of air and f-particles by about 
4m of air whereas y-rays will penetrate several centimetres of lead. Clearly these 
differences must be taken into consideration when working with radioactive isotopes. 
For example, a radioactive isotope which gives off y-rays must be shielded by lead 
which effectively absorbs the radiation. 

Radiation is dangerous because it can damage cells in the body. This is called the 


somatic effect of the radiation. The danger depends on the type of radiation and’ 


the length of time the person is exposed to the radiation. Very large doses can produce 
immediate damage and lead to death. Less severe doses can have long-term effects by, 
for example, increasing the chances of the development of certain types of cancer. 
There is also a possibility of genetic effects arising from changes in the male and 
female reproductive cells, but the evidence for this occurring seems less clear. 

We are continually exposed to background radiation arising from naturally 
occurring radioactive substances and radiation from space. Under normal circum- 
stances, our exposure to artificially produced radiation is a small fraction of what we 
receive naturally. It is only when we have an X-ray that our exposure is increased 
significantly. However, X-ray radiography is extremely valuable in medical 
diagnosis without being dangerous for the patient. Similarly there are many uses of 
radioactive isotopes, including the production of electricity by nuclear power (13.7), 
which with proper precautions do not present a hazard. However, the dangers have 
to be assessed in relation to not only the benefits but also the long-term problems of 
nuclear waste (13.7) and the possibility of accidents during the use, transport and 
storage of radioactive isotopes. It is the responsibility of each individual to consider 
the evidence and the conflicting views. Some of the scientific background and some of 
the important factors are mentioned in this section and the next, but there is a lot of 
literature available on the issue and you should be prepared to examine it. 
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Fig. 13.10 Setting up a 
patient for treatment on a 
modern cobalt-60 
teletherapy unit. (Courtesy 
TEM Instruments Ltd) 


Most applications of radioactive isotopes make use of either the effects of the 
radiation or the fact that the radiation can be very easily detected by means of an 
instrument called a Geiger counter. 

People who are suffering from certain types of cancer can be treated with y radiation 
from an isotope of cobalt, $9Co. The radiation can be focused very precisely on the 
cancer cells and so destroy them. Treatment which uses the effects of radiation in this 
way is called radiotherapy. ae i 

Gamma-radiation can also be used for preserving food. The radiation kills the 
micro-organisms which cause decay (33.7). This method is used to increase the shelf- 
life of some fruit and vegetables. In a similar way it can be used to sterilise medical 
equipment. For example, syringes can be sterilised after they have been sealed in air- 
tight containers and so the risk of infection is reduced. 

In other medical cases the efficiency of a particular organ in the body (e.g. the 
thyroid gland or a kidney) can be investigated. The patient is given cither a drink or an 
injection containing a small quantity of a radioactive isotope of iodine, ‘Ul. By 
measuring the radiation being given off from the appropriate areas of the patient’s 
body doctors can trace the path of the iodine and so find out if the organs are working 

rly. í 
ee Sle techniques are also used in many non-medical investigations. The 
substance which is being followed, such as a fertiliser being absorbed by a plant, is 
labelled by mixing with it a small quantity of a radioactive isotope. The radioactivity 
of various parts of the plant can then be measured to see how much of the fertiliser has 
been absorbed from the soil. A similar technique could be used to investigate the 
movement of mud in a river estuary or leaks in underground pipes. 


Some chemical reactions give out quite alot of heat (e.g. burning a fuel) but nuclear 


reactions often give out very much more energy. Energy given out by nuclear reactions 
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Fig. 13.11 Fuel etements 
such as these are used in 
the reactors built for the 
first phase of the U.K.’s 
nuclear power programme. 
The fuel elements consist 
of uranium metal rods 
enclosed in magnesium 
alloy cans. (Courtesy 
UKAEA and British 
Nuclear Fuels Ltd). 
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can be used for destructive or productive purposes. The atomic bomb is a nuclear 
weapon and the devastating explosion is caused by a nuclear reaction which, once 
started, cannot be stopped. On the other hand a nuclear power station controls a 
nuclear reaction and the energy released is used to produce electricity. 

Calder Hall power station in Cumbria, which opened in 1956, was the first nuclear 
reactor in the world to produce electricity on an industrial scale. The nuclear fuel used 
in the reactor is an isotope of uranium, *33U. Atoms of this isotope, when bombarded 
with neutrons, split up (nuclear fission) into atoms of other elements which have 
relative masses of about half that of uranium. This nuclear reaction gives out a lot of 
heat which is used to convert water into steam. The steam is used to drive generators to 
produce electricity. 

Nuclear power stations, unlike coal- and oil-powered stations, do not cause sulphur 
dioxide and smoke pollution of the atmosphere (9.5). However, there is concern about 
the possibility of leaks of radioactive material and about problems associated with the 
disposal of some of the radioactive waste materials from the nuclear reaction. Some of 
these materials decay at a slow rate and will therefore be radioactive for a very long 
time. There is a more general discussion on the world’s energy resources in 31.6. 


1. Anatom ofan element consists ofa small, heavy, positively-charged body called the 
nucleus, which contains positively-charged particles called protons and uncharged 
particles called neutrons. The negatively charged electrons move around outside 
the nucleus. 

2. The number of protons in the nucleus of an atom is the atomic number of the 
element. 

3. The number of neutrons in an atom is equal to the mass number — the atomic 

number. 

. The number of electrons in an atom is equal to the atomic number. 

Isotopes are forms of a particular element whose atoms contain the same number of 

protons but different numbers of neutrons. If the number of neutrons is significantly 

different to the number of protons, the isotope is likely to be radioactive. 


oe 


6. The energy released during a controlled nuclear reaction can be used to produce 


electricity. 
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Chapter 14 


How are the electrons arranged ? 


14.1 


- Bohr’s theory of 


atomic structure 


Fig. 14.1 Rutherford’s 
model of the atom 


Rutherford’s model of the atom included the nucleus which was small and heavy and 
carried a concentrated positive charge. The electrons, equal in number to the number 
of protons in the nucleus, revolved around the nucleus like the planets around the Sun 
(Fig. 14.1). 


One question which Rutherford did not answer about the atom was why the 
electrons, being negatively charged, are not drawn into the nucleus. An answer to this 
question was provided in 1913 by a Danish physicist, Niels Bohr, who had spent a year 
working with Rutherford at Manchester. Bohr’s theory used the idea, proposed in 1900 
by the German, Max Planck, that when a hot body gives out radiation, the energy is 
emitted in the form of little ‘packets’, or separate fixed amounts called ‘quanta’. 

Niels Bohr suggested that the electrons follow fixed circular or elliptical paths which 
are not all the same distance from the nucleus but are situated in ‘shells’ or layers. 
There are no electrons between the shells and the difference between one shell and the 
next is one quantum of energy. This last statement means that, if an electron is to be 
pulled from one shell to the next further from the nucleus, work has to be done and 
energy has to be paid into the atom to drag the negative charge away from the positive 
nucleus. Ifthe electron then falls back into its original shell, the Law of Conservation of 
Energy applies and the energy which had to be given to the electron to move it, is given 
back in the form of a ‘packet’ or quantum of energy. 

The colours obtained when portions of salts of some metals are placed in a Bunsen 
flame provide direct evidence of this occurring. The electrons take energy from the 
flame so that they are moved from an inner shell to an outer one, and when they drop 
back to their original energy level, a certain quantity of energy is given out in the form 
of light. The wavelength of the light corresponds to a certain colour, which is the 
characteristic flame colour of that particular metal (11.19). 

Anelectron in an atom is therefore rather like a book in a bookcase with a number of 
shelves. If the book is on the bottom shelf and you want it on a higher shelf, you have to 
do work to lift the book against its own mass and therefore some of your energy will be 
transferred to the book, so that its potential energy will be increased. Now suppose the 
book slips off the higher shelf and falls down to the bottom shelf again. The energy 
which had been given to the book, will be lost by it and given to the surroundings, 
probably in the form of heat. The shells in an atom are similar to the shelves in the 
bookcase. Just as the shelves represent different levels of potential energy above the 
ground, whose potential energy can be considered to be zero, the shells can be thought 
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14.2 
Ionization 
energies 


Fig. 14.2 The successive 
ionization energies of 
sodium 


of as energy levels for electrons outside the nucleus which, like the ground, has a 
potential energy of zero. Just as it would not be possible to have a book hanging, 
unsupported, between two shelves in the bookcase, so it is not possible to have an 
electron between two shells in the atom. However, it must be remembered that, unlike 
a shelf, an energy shell does not have any physical existence of its own. 

The further out from the nucleus an electron is, the higher is its potential energy and 


so energy has to be given to an electron if it is to be moved from an inner shell to an 
outer one, 


The question which now has to be asked concerns the number of electrons in each shell. 
The answer can be obtained by studying the energy which has to be transferred to an 
electron so that it is pulled completely out of the atom. Removing an electron in this 
way will leave one more proton than electrons in the atom and so the atom will have 
changed into a positively charged ion. 

Obviously less energy will be needed to remove an electron from an outer shell than 
from an inner shell which is more tightly held by the nucleus. The energy which has to 
be supplied to remove a particular electron from an atom is called the ionization 
energy for that electron. The ionization energies of each electron in a sodium atom 
(atomic number 11) are given in Table 14.1, and in graphical form in Fig. 14.2 (the 
logarithm of each value for the ionization energy is used in the graph because the 
range of values is so great). 
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The considerable jump between the first (furthest electron from the nucleus) and 


_ Second values suggests that 1 electron is much more easily removed than any of the 


others. This is followed by 8 electrons which require only gradually increasing energies 
before the next sudden jump in ionization energy. The last two electrons to be removed 
require much more energy than any of the others. This evidence suggests that the 
electrons in a sodium atom are arranged so that 2 electrons are in the innermost shell, 8 


in the next shell and 1 in the outer shell. This configuration is usually represented by 
2.8.1. 
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14.3 

Electronic 
configurations 
and the Periodic 
Table 


TABLE 14.2. The electronic 
configurations of the 

first 20 elements in 

the Periodic Table 


ENERGY NEEDED 
TO REMOVE IT 


|K] mor~ 


First 496 
Second 4578 


ELECTRON 
REMOVED 


Third 6930 
Fourth 9576 
Fifth 13440 
Sixth 16716 
Seventh 20244 
Eighth 25578 
Ninth 29022 
Tenth 141 540 


Eleventh 158 700 


The slightly confusing thing about this argument is that the energy required to 
remove the outermost electron is called the first ionization energy, whereas the shell 
which is nearest to the nucleus is called the first shell. 


Theelectronic configurationsofall the elements are now known. The configurations for 
the elements with atomic number 1-20 are shown in Table 14.2. 


ATOMIC ELEMENT ELECTRONIC 
NUMBER CONFIGURATION 


1 
2 
3 
4 
5 
6 
7 
8 
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Electronic 
configurations 
and chemical 
properties 
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A sodium atom with 
the configuration 
of 2.8.1 
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Thus, when a positive ion is formed, the outer electrons only are removed, leaving 
m than electrons and hence a net positive charge equal to the 
number of electrons removed. Thus sodium, for example, forms an ion with a single 
positive charge (Fig. 14.3). The value of the positive charge will often be the same as 
the number of the group in the Periodic Table in which the element occurs. (This 
simple rule cannot be reliably applied to the transition metals (12.13), most of which 
form more than one type of positively charged ion.) 

The elements in Groups 5, 6 and 7 are non-metallic and form negative ions. This is 
because the amount of energy required to remove any of the 5, 6 or 7 electrons in the 
outermost shell is relatively large, and unlikely to be available. The atom therefore 
behaves differently by accepting electrons so that the incomplete outer shell gains 
electrons. Since there will then be more electrons in the atom than protons, it will carry 
a net negative charge equal to the number of electrons accepted. As a general rule, the 
number ofelectrons gained is that which brings the number in the outermost shell up to 
eight. The resulting ion will have the same electron configuration as a noble gas atom. 
Thus chlorine, in Group 7, gains one electron (Fig. 14.4), while oxygen, in Group 6, 


gains two electrons. 


more protons in the ato! 


First shell 


First shell 


Second shell Second shell 


electrons 8 electrons 


8 electrons 


A chloride ion (CI- ) 
with the configuration 
of 2.8.8 


Achlorine atom 
with the configuration 
of 2.8.7 
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Chapter 15 


15.1 


TABLE 15.1. 


properties of 


and carbon 
tetrachloride 


Fig. 15.1 


TO 


Evidence for 
different types 
of bonding 


A comparison of the 


sodium chloride 


How are atoms joined together? 


Sodium chloride (NaCl) and tetrachloromethane (Carbon tetrachloride or CCL), 
even though they both contain chlorine, have very different properties. Some of the 
more obvious differences are given in Table 15.1. 

The reason for these differences must be the way in which the atoms are held 
together (or bonded) in the compounds. For example, if a substance has a high 
melting-point it means that a lot of energy is needed to pull the particles apart. Also, 
if a liquid conducts electricity it must contain charged particles which are free to 


move. 


NaCl 


CCl, 


Solid with a high melting point Liquid with a low boiling point 


Soluble in water Insoluble in water 


Conducts electricity when it is in liquid form Does not conduct electricity 


Compounds such as sodium chloride are called electrolytes (6.11) and com- 
pounds such as tetrachloromethane are called non-electrolytes. The obvious 
differences in properties suggest that the types of bonding in the two classess of 
compound are different. 

In his atomic theory in 1808, Dalton suggested that two atoms could be bound 
together. When Rutherford, over 100 years later, described the atom as being made up 
of electrically charged particles, the major problem was to understand how this 
bonding could take place. 

The nuclei of the two atoms will tend to repel each other, rather than remain 
together. If, however, there is negative charge between the two nuclei, then each 
TE of be attracted to the negative charge and the two will be held together 

ig. 15.1). 


attraction attraction 


This is like sticking a photograph on toa page of a photograph album, using a piece 
of sticky tape which has adhesive on both sides. The photograph sticks to the tape, the 
page sticks to the tape and so the photograph is held on to the page. The negative 
charge, which holds the two nuclei together, can only be provided by the electrons in 
the atoms. Therefore we must look at the electrons to see how the atoms can be joined. 

The two most significant contributions to this enquiry were made quite separately 
by W. Kossel and G. N. Lewis who published their ideas in the same year, 1916, Kossel 
in Germany and Lewis in America. The two theories were complementary to each 
other. Kossel considered how the atoms are joined in electrolytes, while Lewis was 
concerned with non-electrolytes. 
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TABLE 15.2. 

The electronic 
configurations of 
elements on either 
side of a noble gas 


Fig. 15.2 (left) 
Formation of solid 
potassium chloride 


Fig. 15.3 (right) 
Formation of solid 
calcium chloride 


Kossel noticed that the element immediately before a noble gas in the Periodic 
Table is a halogen which is a highly reactive non-metal, usually showing a valency of 
one. The element immediately following the noble gas is again highly reactive with a 
valency of one, but this time it is an alkali metal which is one of the most reactive 
metals. The element preceding the halogen is again non-metallic in character, 
though less so than the halogen, and has a valency of two. The element following the 
alkali metal is a metal with a valency of two, e.g. the elements in Table 15.2. 


Element S Cl Ar K Ca 
Atomic number 16 17 18 19 20 
Electronic configuration 2.8.6 2.8.7 2.8.8 2.8.8.1 2.8.8.2 


Kossel pointed out that these facts could be connected using the simple rule that the 
elements close to a noble gas in the Periodic Table tend to form compounds in which 
they obtain the same electron arrangement as the noble gas by gaining or losing the 
necessary number of electrons, 

When potassium is burned in chlorine, each potassium atom with the configuration 
of2.8.8.1 transfers its outermost electron to a chlorine atom with the configuration of 
2.8.7. Thus the configurations of both atoms become 2.8.8 which is the configuration 
ofargon. Each potassium atom now has 19 protons in its nucleus and only 18 electrons 
outside the nuc’eus, so that it is an ion with a relative positive charge of 1. Each 
chlorine‘atom now has 17 protons in its nucleus and 18 electrons outside it, so that it is 
now a chloride ion with a relative negative charge of 1. 

The transfer of an electron from potassium to chlorine occurs for all of the atoms 
taking part in the reaction and as the reaction mixture cools slightly, the K* ions and 
CIl- ions are attracted to each other because of their opposite charges. The ions come 
together to form an orderly arrangement (Fig. 15.2). In this way crystalline potassium 
chloride is formed. The orderly arrangement of the ions is called a lattice and the 
electrostatic forces binding the ions together in the crystal are referred to as 
electrovalent or ionic bonding forces. The details of the arrangement of particles in 
some crystal lattices are discussed in the next chapter. 


K cl Ca cl cl 
2.8.8. 2.8.7 2.8.8, 28.7 2.8.7 


Kt ci Ca?* Te a E Ea 
2.8.8 2.8.8 2.8.8 2.8.8 28.8 
come together 
with other K* 
and CI~ ions 
i i Solid calcium 
TS, chloride 
K* CI (s) Ca?* (CI); (s) 


A crystal of sodium chloride consists of the same type of orderly arrangement of 
oppositely charged ions. One electron has been transferred from each sodium atom to F 
chlorine atom. The resulting ions, Nat, have an electronic configuration of 2.8 (that o! 
neon), and the chloride ions, as above, have a configuration of 2.8.8 (14.4). 
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Fig. 15.4 The bonding 


between chlorine atoms in 
a chlorine molecule 
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Fig. 15.5 The bonding in 
a molecule of 
tetrachloromethane 


a * Tz 


Calcium chloride is also an electrolyte. A calcium’ atom has a configuration of 
2.8.8.2. When calcium is burnt in chlorine, two electrons are transferred from a 
calcium atom to each of the two chlorine atoms. The calcium atom then becomes a 
calcium ion, Ca?+, with the configuration of 2.8.8 which is the configuration of 
argon. The calcium ions and chloride ions will now come together to form a lattice in 
which there are twice as many chloride ions as calcium ions. The two types of ion are 
held together by the electrostatic forces (Fig. 15.3). 

Electrons are transferred from one atom to another when an ionic compound is 
formed. The elements whose atoms lose electrons most easily are found in Groups | and 
2 in the Periodic Table and those whose atoms have the greatest tendency to attract 
electrons are those in Groups 6 and 7. Ionic compounds, therefore, are usually formed 
when elements in Groups 1 and 2 combine with elements in Groups 6 and 7. 


The Kossel theory has allowed us to explain how potassium combines with chlorine to 
form the electrolyte, potassium chloride. However, some compounds, such as 
tetrachloromethane (CCl,) do not conduct electricity when molten and so do not 
appear to contain ions. How can we explain the bonding in compounds such as these? 
Also, how can we explain the bonding in the chlorine molecule (Cl,), where two 
identical atoms are bonded together? 

The answer to these questions was suggested by Gilbert Lewis of the University of 
Berkeley in California. He supposed, like Kossel, that atoms combine because the 
electrons rearrange themselves to form the same configurations that occur in the noble 
gases. What Lewis suggested which was new, was that it was possible for electrons to 
be shared between two atoms, so that they come under the influence of both nuclei. 

A chlorine atom has an electron configuration of 2.8.7 and so requires one electron 
to reach the configuration of argon. When one chlorine atom combines with another, 
they cannot both attain the argon configuration by one electron being transferred from 
one atom to the other. However, if two electrons are shared between the atoms, each 
atom will have eight electrons associated with it. This can be represented as in Fig. 
15.4. The crosses represent the electrons in the outermost shell of one atom and the 
circles those in the outermost shell of the other atom. You should realise that all the 
electrons are exactly the same and that the crosses and circles are only a way of showing 
differently the electrons from the two atoms. 

The two electrons shared by two atoms hold the atoms together by attracting the 
two positively charged nuclei. A bond which is formed by sharing a pair of electrons 
between two atoms is called a covalent bond. In the chlorine molecule, both 
chlorine atoms have a share in eight electrons in their outermost shells. 

In tetrachloromethane (CCI,), each chlorine atom again requires to gain one 
electron. However, the energy needed to remove the four outer electrons of carbon is 
so high that these electrons cannot be transferred completely to the chlorine atoms. 
The problem is solved by the carbon atom being linked to the four chlorine atoms by 
four covalent bonds. The carbon atom, with the configuration of 2.4, shares each of 
its outer electrons with a chlorine atom. In return it receives a share in one of the outer 
electrons of the chlorine atom, so that a two-electron bond is formed. The resulting 
cloud of negative charge holds the two positive nuclei together. The molecule can be 
represented as in Fig. 15.5. l 

Each shared pait of electrons in a molecule makes one covalent bond. Each bondin 
a molecule is often represented by a single straight line —. The molecules of chlorine 
and tetrachloromethane can be represented by: 
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Substances which contain covalent bonds include non-metallic elements which exist 
as molecules made up of more than one atom of the element. For example, hydrogen 
exists as molecules, each of which contains two atoms bonded together by ‘a covalent 
bond. In thig molecule, each atom has a share of two electroms which is the 
configuration of the noble gas helium. 


Hz H or H—H 
Molecules of some non-metallic elements contain more than one covalent bond 


between the atoms. Oxygen has a double covalent bond formed by two pairs of shared 
electrons and nitrogen has three bonds formed by three pairs of shared electrons. 


H o o=0 
*NENS or N=N 


Some others exist as molecules containing more than two atoms of the element. For 
example, sulphur exists as Sẹ molecules (27.9). 

Most of the common compounds which contain covalent bonds are formed by two 
or more non-metals combining together, whereas ionic compounds are formed by 
metallic elements combining with non-metallic elements. Some important examples of 
covalent compounds are water, ammonia, hydrogen chloride and carbon dioxide. The 
bonding in these compounds can be represented by: 


sOc3H or hee 
H H 
i 
NSH or N—H 
xo | 
H 
H;Cls or H=c€l 
O70 or 0=C=0 
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15.5 
Co-ordinate (or 
dative) covalent 
bonds 


Ionic compounds are solids with high melting-points. At room temperature, covalent 
substances are usually either gases or volatile (easily evaporated) liquids.- 

Melting of a solid occurs when particles in the solid become free to move around 
within the substance. Ionic compounds consist of orderly arrangements of oppositely 
charged ions. The ions are held together by strong electrical forces. When the crystal 
is heated the ions begin to vibrate more vigorously. Eventually the vibrations become 
so vigorous that the orderly arrangement breaks down. At this stage the ions become 
free to move and the solid melts. This will only occur at a high temperature because 
the forces of attraction between the ions are so strong. 

The low melting points and boiling points of covalent substances are due to the 
substances existing as separate molecules. When such substances melt, the weak 
attractive forces between the molecules are overcome, so enabling the molecules to 
move around. The covalent bonds within the molecules remain intact, whereas when 
an ionic compound melts the ionic bonding forces do have to be overcome. 

The energy, in the form of heat, which is required to overcome the forces between 
molecules is less than that required to overcome ionic bonding forces. This difference 
between ionic and covalent substances is discussed again in the next chapter when the 
structures of some typical examples are considered in detail. 

Molten ionic compounds conduct electricity because they contain ions which are 
free to move. Pure covalent liquids are poor conductors of electricity, which indicates 
that they do not contain ions. 

Ionic compounds are more likely than covalent compounds to dissolve in water. If 
an ionic compound dissolves in water, the ionic lattice is pulled apart by the water. 
Each ion which is separated from the lattice becomes surrounded by a ‘cage’ of water 
molecules. The ‘cage’ of water molecules prevents the ion getting back into the 
lattice. A solution of an ionic compound will conduct electricity, because it contains 
ions which are free to move. 

Many covalent substances do not dissolve ın water, and the solutions of those that do 
dissolve usually will not conduct electricity. Two important exceptions are solutions of 
hydrogen chloride and ammonia, Because these solutions conduct electricity they must 
contain ions. The presence of the ions is due to the covalent compounds reacting with 
water when they dissolve. Hydrogen chloride forms an acidic solution (hydrochloric 
acid) : 

HCl(g) + H,O) —> H,Ot+(aq) + Cl-(aq) 
Ammonia forms an alkaline solution: 


NH,(g) + H,O(!) > NH,* (aq) + OH (aq) 


In his original article, in 1916, on covalent bonding, Lewis also put forward an idea 
which provided the explanation of what appeared to be a puzzling example of bond 
formation. When ammonia solution is added to copper(II) sulphate solution, a deep 
blue solution is formed. The deep blue colour is due to tetra-amminocopper (II) 
(Cu(NH,),)?* ions being present. In this ion, ammonia molecules, in which the 
nitrogen already has a noble-gas electron-arrangement, combine with copper ions. 

This type of ion is called a complex ion and such ions are very common in the 
chemistry of metal compounds. Indeed it is such a complex ion, the copper(II) 
tetrahydrate ion (Cu(H,O),)*+, which is responsible for the blue colour of: solutions of 
copper(II) salts. But how are complete molecules, like ammonia or water, joined to 
copper ions to form complex ions? 

Lewis’s answer to this question was to state that covalent bonds, as well as being 
formed by each atom contributing one electron to form the bond, 


Ac «B>A&B 
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can also be made by one atom contributi i 
so b ing both the electrons, wit 
contributing none: ee 


As B+A8B 


This sort of covalent bond is called a co-ordinate covalent bond (or a dative 
covalent bond). For an atom to form a co-ordinate covalent bond it must have in its 
outermost sheli a pair of electrons, not linked to another atom. Such a pair is called 
an unshared (or lone) pair. : 
Lewis's co-ordinate covalent bonds provide an explanation for the existence of 
complex ions. The molecules have in them at least one unshared pair of electrons 
which can be used to form a co-ordinate covalent bond with the metal ion. The outer 
shell of the metal atom will have lost some electrons when the atom ionised, so leaving 
a ‘hole’ which can receive a share in the pair of electrons donated by the molecule, 
The structure of the ion formed by ammonia and copper(II) ions is: 


H 2+ 2+ 
H3N 3H 
ax N. 
H H a 
HoN* Cu *NGH or H;N > Cu e NH, 
H H 1 
a NH; 
HNH 
H 


A co-ordinate covalent bond is often represented by an arrow pointing in the direction 
in which the pair of electrons is donated. 

Probably the most important structures in which co-ordinate covalent bonds are 
found are those of the hydroxonium ion (sometimes called oxonium ion) and the 
ammonium ion. The hydroxonium ion is formed when a compound dissolves in water 
to give an acidic solution. Water is a covalent compound and its molecule can be 
represented as follows: 


There are two lone pairs (non-bonding pairs) of electrons on the oxygen atom. One 
of these can form a co-ordinate covalent bond with a positively charged hydrogen ion 
(a proton), released from the substance forming the acidic solution, Because the 
hydrogen ion is positively charged, the structure formed when it is joined to an 
electrically neutral water molecule is also positively charged. The formation of the 
hydroxonium ion can be represented as follows: 


H+ + H,O —> H,O* 


The structure of the ion can be represented by: 
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15.6 

The shape of 
covalent 
molecules 


Fig. 15.6 The shupe of 
the methane molecule. 
(Photo: Russell 
Edwards, BSc) 
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The dissolving of covalent hydrogen chloride gas in water can then be represented by 
the overall equation: 


HCl(g) + H,O(1) > H,O+(aq) + Cl-(aq) 


Although one bond is drawn differently from the other two, to indicate how it is 
formed, once they are formed all three bonds are identical. 

Ammonium ions are formed when ammonia molecules combine with a compound 
which is capable of releasing hydrogen ions to the ammonia molecule. The nitrogen 
atom of the ammonia molecule has one lone pair of electrons, 


anc this can be used to form a co-ordinate covalent bond with a hydrogen ion, forming 
an ammonium ion whose structure can be represented by: 


Hcl 13 RNG he 
i) 
HsNsH or H—N—H 


Again, because a positively charged hydrogen ion is combining with an electrically 
neutral ammonia molecule, the resulting structure has a single positive charge. A 
reaction in which the ammonium ion is formed is that between ammonia gas and 
hydrogen chloride gas. The overall change can be represented by the equation: 


NH,(g) + HCl(g) > NHiCI (s) 


The product, ammonium chloride, is formed as a white solid. 


Molecules of even very complicated compounds are far too small to be seen with the 
most powerful microscope. However, it is possible, by using techniques such as the 
diffraction of beams of electrons and X-rays, to measure the angles between bonds 
and the lengths of bonds in covalent molecules. When these results are put together, 
the shape of the molecule will emerge. A molecule of methane (CH, ), for example, 
has angles of 109° between the carbon-hydrogen bonds. The value of this angle 
shows that the molecule is tetrahedral in shape. The carbon atom is at the centre of 
the tetrahedron and the four hydrogen atoms are at the corners (Fig. 15.6). 
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The fact that there is a definite angle between covalent bonds can be explained if we 
consider the bond to consist ofa cloud of negative charge which holds together the two 
positive nuclei. The charge cloud will have a certain direction in space and the bond 
angle will be the angle between two of these directions. 

The tetrahedral shape of the methane molecule is also easy to understand. The four 
bonding clouds of negative charge will have to touch the positively charged nucleus of 
the carbon atom, but, because they are all negatively charged, they will repel each 
other as much as they can (Fig. 15.7). 

In the ammonia molecule (NH,) there is one hydrogen atom less than in methane 
and therefore the molecule will have the shape which would be obtained by 
‘beheading’ the tetrahedron (i.e. taking out one hydrogen atom), Fig. 15.8. 

Fig. 15.7 \ Fig. 15.8 The shape of 
the ammonia molecule. 


N 
H \H 


FAY H 


This is called a trigonal pyramid. At first sight it would seem that the bond angles 
are 109° as they are in methane, but experimental evidence shows that the angle is in 
this case 107°. A possible reason for this is that, although one hydrogen atom of the 
methane molecule is no longer there, there is still the unshared pair of electrons in the 
outermost shell of the nitrogen atom: 


H 
H3C oH HNH 
®H H 


Just as you would become fat ifyou did no work at all, this cloud of charge, which is not 
doing any work by holding another atom, is fatter because it is not stretched out by 
being attracted to another atom. The consequence is that the three bonding clouds are 
pushed slightly closer together and so the bond angle becomes slightly smaller. When 
the ammonia molecule forms a co-ordinate covalent bond with a hydrogen ion tomake 
an ammonium ion, the bond angle rises again to the | 09° of the methane molecule 
because the cloud of charge has now been put to work and has become exactly the same 
as the other three: 


+ 


HiN3H + Ht |HSN3H 


The molecule of water shows a continuation of this trend, Here there are two ‘fat’ 
non-bonding pairs of electrons in the oxygen atom and the angle between the oxygen- 
hydrogen bonds is pushed down to 105° (Fig. 15.8). 


` 
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Fig. 15.9 The shape of 
the water molecule. 


Fig. 15.10 The shape of 
the carbon dioxide molecule 


You should now be able to predict the approximate angle between the oxygen- 
hydrogen bonds in a hydroxonium ion, H,O*. The same cloud repulsion idea will 
enable us to explain the shape of a carbon dioxide molecule: 


oox x 00 
OC Oo 

00 0 `o 00 

The two clouds of charge, holding each oxygen atom to the carbon atom, will merge 
into a big one and so we shall have two big clouds of charge, touching the carbon 
nucleus but trying to get as far away from each other as possible. Clearly one will be on 
one side of the carbon atom and the other will be in exactly the same position on the 
other side. The molecule will therefore be linear (Fig. 15.10). 
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. The electrons in atoms are responsible for the formation of chemical bonds. 

2. The bonding in electrolytes is of a different type to that in non-electrolytes. 

. Electrolytes are formed by electrons being transferred from one atom to another, 
which results in the formation of oppositely charged ions. Electrical forces of 
attraction hold the oppositely charged ions together. 

4. Ionic compounds are formed between metals and non-metals. They are usually 
crystalline solids with high melting points and boiling points. When molten they 
conduct electricity and, if they dissolve in water, the solution conducts electricity. 

5. In non-electrolytes electrons are shared between atoms, one electron coming from 
one atom and one from the other, the two electrons forming one covalent bond. 

6. Covalent compounds are formed usually between atoms of non-metallic elements. 
They are usually gases or volatile liquids at room temperature and, if they dissolve 
in water, their solutions will not conduct electricity unless the compounds react 
with water to form ions. 

7. Co-ordinate (dative) covalent bonds are formed by one atom contributing both 
electrons to be shared between itselfand another atom. They occur in complex ions 
and in the hydroxonium ion and the ammonium ion. 

8. Covalent bonds can be considered to be clouds of negative charge, having a definite 

direction in space. They result in covalent molecules having particular shapes. The 

shape of a molecule results from the repulsions between the clouds of negative 
charge. 


oo 
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Chapter 16 
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The structures of solid elements and . 
compounds 


Investigation 
16.1 


Question 


Investigation 
16.2 


Questions 


Questions 


What happens when a molten substance is cooled? © 


Add naphthalene crystals to a boiling-tube to a depth of about 4 cm. Place i 
the boiling-tube in a beaker of warm water and warm the beaker carefully on _ 
a gauze over a Bunsen flame until the naphthalene melts. Turn out the flame | 
and allow the beaker to cool slowly. When no further change takes place, 
reheat the beaker until the naphthalene is molten again and then cool the 
 boiling-tube rapidly under the tap. 


What is the difference between the crystals made by cooling the naphthalene 
slowly and cooling it quickly? 


Do metals form crystals? 


You will need some granulated zinc, some thick copper wire, a crucible, a 
pipeclay triangle, a Pyrex crystallising dish and a pair of tongs. 
(a) To about a 4cm depth of lead(II) nitrate solution in a test-tube, add 
a piece of granulated zinc and allow the tube to stand undisturbed until 
the end of the lesson or until the next lesson. 
(b) Half fill a test-tube with silver nitrate solution. Lower a thick piece of 

A copper wire into the silver nitrate solution and leave it undisturbed until the 
@ end of the lesson or until the next lesson. . 


What do you see on the samples of metals in the tubes? 

What products are formed on the metals in the two tubes? ' 

How are these products formed? 

In which of the two tubes is the reaction the quicker? Why is this? 


Pon 


æ (c) Add a few pieces of granulated tin to a crucible and heat the crucible ona 
pipe clay triangle on a tripod over a Bunsen flame until the tin melts. 
Carefully, using a pair of tongs, pour the molten metal on to the bottom of a 
Pyrex crystallising dish or beaker. When it is cool enough, detach the metal 
from the glass and examine the surface which was in contact with the glass. 
Now place the metal in a solution of iron (IlI) chloride with the surface you 
examined, uppermost. This solution will dissolve some of the metal. When an 
obvious change has taken place, remove the metal and wash it under a cold 


æ water tap. 


5 Were you able to see any crystals in the tin before and after it has been 


treated with iron (lll) chloride solution? ; 
6 Does the appearance of the surface suggest the metal cooled quickly or 


slowly? 


ee 


Ifa hot saturated solution is cooled, crystals of the solute separate from the solution. If 
the solution is cooled rapidly, the crystals are small ; ifit is cooled more slowly, they are 
bigger. Crystals can also be produced by cooling a molten substance. Many metals 
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> N AA 
have in them crystals which have been formed in this way. Sometimes, as in the case of Since a particular angle is the same in all crystals of a substance, it is possible that a 
zinc used for galvanising iron, the crystals are clearly visible. A number of minerals, crystal is something like the tray of spheres. The crystal could consist of particles ` 
like quartz and galéna, can occur as large and beautiful crystals. Originally they packed together in an orderly arrangement, just like the spheres in our trays. 
came to the crust of the Earth from its centre in the molten state, cooling when they Different substances have different crystal shapes and a possible reason for this can be 
came nearer to the surface to form the crystals. Again the slower the cooling, the seen by putting larger spheres at regular intervals into an arrangement in one of our 
larger are the crystals produced. Crystals, both permanent ones like precious.stones trays. This alters the angles in the arrangement and this would alter the shape of the 
and more short-lived ones like snowflakes, have intrigued mankind for centuries. crystal. It seems as if the shape could be decided by the relative numbers and sizes of 
Simply looking at them suggests that they are highly ordered and beautiful the particles in the crystal. 
structures, but what do they consist of and how are they so ordered? The discovery that a crystal consists of an orderly arrangement of particles started 
in 1912 with the publication by von Laue (a German scientist) of a set of 
Fig. 16.1 Crystals of photographs. He had obtained these by passing a narrow beam of X-rays through a 
copper(II) sulphate cia crystal and placing a photographic plate on the far side. Later in the same year 
G Lawrence Bragg, who was 22 at the time and whose father, William, was Professor of 


Physics at Leeds University, decided that von Laue’s photographs were interference 
patterns, produced by the atoms in the crystals. 

This pattern is made by the waves of the X-rays being scattered by the atoms in the 
crystals, the waves reinforcing each other in some directions and opposing in others. 
You can see for yourself an interference pattern with visible light by looking through a 
stretched handkerchief at the small bulb of a pocket torch. 


L_/ a SAL 


o The formation of these interference patterns depends on the wavelength of the 
y visible light being similar to the sizes of the holes in the fabric. In a similar way, a 
D / Brel crystal can only form an interference pattern when the radiation used has a 
EA wavelength which is similar to the distance between the layers of particles in the . 
These angles are crystal. This is why X-rays must be used rather than ordinary light to investigate the 
Fig. 16.2 (right) Two the same structures of crystals. 
crystals of copper(II) 3 Gi : $ 
sulphate. Even though We can begin to answer these questions by making models of crystals of a Fig. 16.4 X-ray SES Poa) ae rece rte i RPA ao 
they are very different in substance. If crystals of copper(II) sulphate are made from different solutions of the diffraction photograph 
size they have the same compound, they will be of different sizes, but, apart from minor flaws, they will all have (strictly speaking a ` P 
shape. (Photo: Russell the same shape. This means that corresponding angles in the crystal will be the same in negative) from a single ; es Werden $ 
Edwards, BSc) all the crystals (Fig. 16.1). crystal of sodium chloride. n e Ai Lead EOE 
If we now take a series of shallow trays and a large number of marbles or plastic The dark spots show i Vd N s 
beads, we can make an arrangement of spheres in each tray with a line against the edge where the film has been j ’ 
of the way. A second line can be added with its spheres being in the spaces between exposed to X-rays. The aate EAN OK atl a ENT so Ban gos 
those in the first, a third line with its spheres between those in the second and so on pattern indicates that the a TE ela z ; 
(Fig. 16.3). If the angle shown in Fig. 16.3 is measured in each tray, we find that this particles in the crystal are William and Lawrence Bragg, by studying the patterns obtained in this way, were 
angle is the same in all the trays. l arranged in a regular able to calculate the distances between the layers of particles in crystals. This 
- ! manner. (Courtesy Bruce information enabled them to work out the arrangement of the particles in the crystals. 
Fig. 16.3 | Gilbert) The following sections of this chapter discuss particular types of crystal structures 
l which can be determined by X-ray analysis. 
j x In 1913 and 1914 Lawrence Bragg was able to work out a large number of crystal 
ine E E crystals structures, including that ofsodium chloride. Up to that time ithad been thought that 
common salt consists of molecules of sodium chloride with each sodium atom being 
Third joined to one chlorine atom. Bragg found that there are no molecules of mee 
line chloride. Each atom of sodium has six atoms of chlorine around it and each chlorine 
atom has six sodium atoms around it. By 1916 Kossel had suggested (15. 1) that, when 
sodium combines with chlorine, the sodium atoms become sodium ions and the 
perai chlorine atoms become chloride ions. The crystal of sodium chloride must therefore | 
i consist of ions, not atoms. The particles are held together in the crystal by strong 
1 electrostatic attractions between the positive and negative particles. In 1916 the; 
as. Braggs were jointly awarded the Nobel Prize for Physics for their work on X-ray 
ae analysis. 
| 
| 155 


ee = ~ oer 


Fig. 16.5 The sodium 
chloride lattice: (a) 
drawn so that the 
arrangement can be seen 
and (b) more realistically 
Showing the ions packed 
together 


Fig. 16.6 The structure 
of caesium chloride 


16.5 
Covalent 
crystals 


A positively charged sodium ion is capable of exerting attractive forces on chloride | 


ions in all directions around it and the negatively charged chloride ions are able to 
attract sodium ions in the same way. It is the relative sizes of the two types ofions which 
decides the pattern of the arrangement or lattice which the ions take up when they 
come together. In sodium chloride, each sodium ion has six chloride ions arranged 
around it as though they were at the corners of a octahedron. Each of these chloride 
ions has six sodium ions around it and each of these sodium ions attracts more chloride 
ions, and so on. In this way a giant ionic lattice is built up. As can be seen from Fig. 16.5 
the lattice is cubic in shape. 


chloride ion 


(a) (b) 


All ionic compounds consist of crystals which are made up of orderly arrangements 
of ions, although not all of these lattices are cubic in shape. In each case the 
arrangement taken up depends on the relative sizes and charges of the ions. For 
example in the case of caesium chloride, the caesium ion, Cst, and the chloride ion, 
CI, are very similar in size and there is room for eight chloride ions to be packed 
around each caesium ion. The caesium ion therefore sits at the centre ofa cube, at each 
corner of which there is a chloride ion. Similarly each chloride ion is surrounded by 
eight caesium ions, Fig. 16.6. 


One of the crystal structures which Lawrence Bragg explained in 1913 was that of 
diamond. His picture of the diamond crystal was the one result which led to the 
considerable interest in the technique of X-ray analysis. Diamond consists of nothing 
but carbon, which is one of the elements showing the property of allotropy. 

An element is said to exhibit allotropy when it can exist in more than one form in the 
same physical state. The different forms of the element are called allotropes and the 
allotropes of solid carbon are diamond and graphite. Since both allotropes consist of 
atoms of the same element and the electronic configurations of the atoms are the same 
in both, the chemical properties of the allotropes will be the same. There are, however, 
obvious differences in their physical properties. 

Diamond is one of the hardest substances known, while graphite is so soft that it will 
mark paper (pencil ‘leads’ are made of graphite). Diamond is a poor conductor of 
electricity, while graphite is used for making electrical conductors. Both forms are 
crystalline and the differences in physical properties can be explained by the different 
ways in which the atoms are arranged in the crystals. 

Both types of crystals consist of giant structures of atoms, which are held together by 
covalent bonds. In diamond each carbon atom has four neighbours, held by single 
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Fig. 16.7 The structure 
of a diamond 


wa, 


E 
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l 
Fig. 16.9 The structure na 
of graphite 


covalent bonds. If we apply the charge cloud repulsion idea which was described in 
15.6, we can suggest that these bonds will be arranged tetrahedrally. This 
arrangement was the one confirmed by Lawrence Bragg and is shown in Fig. 16.7. 
Because the repulsion of the charge clouds will create the tetrahedral arrangement, 
the structure of diamond will be the most stable one which the carbon atoms could 
take up. In this structure the carbon atoms are therefore locked together in the most 
efficient way. This efficient packing of a large number of covalently bonded carbon 
atoms to form a giant atomic lattice is responsible for the great strength of the ’ 
structure which is shown in the hardness of diamond. Since all the outer electrons of 
the carbon atoms are being used for bonding, there are no electrons free to move 
through the structure to carry an electric current through the substance. 

The giant structure of graphite is quite different. Here the carbon atoms are in flat 
sheets. Within a sheet, they are arranged in hexagons, as shown in Fig. 16.8. 

Graphite is a greasy substance and the greasy feeling is due to the sheets sliding 
easily over each other. The forces between the layers must therefore be comparatively 
weak. These forces are called van der Waals’ forces. The structure is shown in 
Fig. 16.9. a à : 

Fig. 16.8 shows that each carbon atom has this time only three neighbours, to which 
it is joined by covalent bonds. Thus, of the four outer electrons in a carbon atom, only 
three are used for bonding and one is not. These ‘spare’ non-bonding electrons can; as 
in a metal, drift from atom to atom and when the drift is in one direction, the structure 
is conducting an electric current. f 

Since the van der Waals’ forces are relatively weak compared with the covalent 
bonds which hold the atoms together, the layers of carbon atoms will slide easily over 
each other. It is for this reason that graphite can lubricate moving parts, slipping 
between them and reducing the friction. It is particularly useful when a liquid 
lubricant, such as an oil, cannot be used,\for example when a moving part is in a 


vacuum or under only a low atmospheric pressure. 


Fig. 16.8 A layer of 
carbon atoms in graphite 
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The fact that the layers are not so firmly held together and-can be separ. ¢ 
d- 
yi y; gi parated Each oxygen atom has around it four hydrogen atoms, two directly attached to it by 


relatively easily makes graphite soft, The com) i i 
2 : paratively large distances between th 
a ? 4 5 > : 
hayri are reponer an Sere of graphite being less than that of diamond. ne bei si oe re Ire ee ne 
eos a P oe 
u 1 è ves as fa t 
P e allotropes. possible, while still being close to the oxygen atom. The Gar ake Theo eames 


tetrahedrally and, when this arrangement is repeated through th tal, th 
becomes that shown in Fig. 16.10. : ances 


Fig. 16.10 The structure 


16.6 The beauti 

l eautiful shapes of snowflakes clearly. indi i ofi 

Molenar arrangements of particles. The particles in an ae Daloaales foul | "a 

crystals Te mone gon ON Water is very largely a covalent cottipound and A 
atoms within each molecule are held togeth i i | 
EEEN, eld together by electrons, or negative charges, being 


z Ox | 
Ho Sy | 
4 : Fig. 16.11 An iceber; 
EE ie e a water, oxygen, being further over to the right in the Periodic photographed during z 
AES pE on aving a greater tendency to accept electrons than hydrogen, has Scott’s expedition to the 
oa s See oy is negative charge. This results in a slightly greater concentration South Pole in 1910. Part 
mi nding c arge near the oxygen atom than near the hydrogen atoms. of the iceberg is above the 
zee ygen atom will therefore be slightly negatively charged as compared with the water because ice îs less 
ydrogen atoms and the hydrogen atom will be slightly positively charged as dense than water. 
compared with the oxygen atom. (Courtesy Pi opper foto 
\\ Ys Photo: Herbert Ponting) 


\ When you look at this picture of the structure of the ice crystal, the thing which 
might strike you about it is the considerable amount of empty space in the structure. 


6—(slight ti 
O. light negative charge) This empty space provides the explanation for one of the remarkable properties of 
water. When water freezes, the ice produced has a larger volume than the liquid water 


H N H l 
| from which it was made. Usually the exactly opposite behaviour is observed, the solid 


i 6+ (slight positive charge) | 
form having a lower volume and a higher density than the liquid. 
The slightly larger volume of the ice is due to the empty space in the crystal lattices 
and is responsible for water pipes bursting when there is a severe frost. Although the 


ctually bursts when the water freezes, it is not noticed until the ice melts as the 
i 


al called molecular crystals which consist of 
f molecules. Many other substances consist of molecular 
Fig. 16.12 The structure lattices. Common examples include sucrose (ordinary sugar—C, gH 2011), 

naphthalene (moth balls—C, Hg), urea (used for making plastics and as a 


pee Š fertilizer —-CO(NHy)2) and iodine (Ig). In each case the formula represents the 

molecule which is used to build up the lattice, 

b- Except for iodine the arrangements of 
| complicated. Iodine consists of an arrangement o; 


hee vater molecules come together to form an ice crystal, the slight positive charge 

o. a ane in one Sears will be attracted to the slight negative charge on 
atom of a second molecule and then one of the hyd i 

second molecule is attracted by the oxygen atom of a third om, ae 
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the molecules in these lattices are 
f diatomic molecules which are held 
Jar to those between the layers 


O. 
He) `p y | together by weak attractive forces. These forces are simi! 
BB Nose of carbon atoms in graphite and are called\van der Waals’ forces. The molecules are 
> As packed as close together as possible and this results in the arrangement shown in 
s+ Hy, ; © Fig. 16.12. 
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16.7 
Bonding 
: in metals 


Fig. 16.13 The spangle 
pattern on the surface of 
these zinc-coated 
(galvanised) columns 
shows that the layer of 
zine is crystalline. 
(Courtesy Zinc 
Development Association) - 


4 


When iodine crystals are warmed they sublime, that is they change directly from the 
solid to vapour. This can be linked to the fact that the forces between the molecules 
are comparatively weak. When heat is supplied to the element, the vibration of the 
molecules increases and, at a low temperature, is sufficient to overcome the forces 
between the molecules so that they are no longer held together. 


As with graphite and ice, the important physical characteristics of metals can be 
explained by their crystal structures and the ways in which the particles are held 
together in the crystals. It may be a surprise to you to read that metals contain crystals, 
but, if you keep your eyes open, even at home, you will see examples of them. 

A can which has contained acid fruit such as oranges or grapefruit, shows crystals in 
the layer of tin on the inside of the can. The metal has been etched by the acid in the 
fruit juice so that the crystals are made more clearly visible. Galvanised iron consists 
of steel which has a coating of zine to stop it rusting and crystals can be clearly 
seen in the zinc. The steel has been dipped into molten zinc and the crystals have been 
formed as it slowly cooled. Crystals can often be seen in a broken metal casting which 
has been cooled slowly. 

When a sample of metal does not appear to have any crystals in it, it is probable that 
the crystals are there, but they are too small to be seen by the naked eye. The metal 
would have been formed in the molten state and must have cooled to form the solid, the 
crystals being formed as cooling took place. 


| 
Metals are usually hard, strong materials which are good conductors of heat and 
electricity. They have high melting points and boiling points, and can usually be 
worked by beating into sheets or by drawing or rolling into strips or wires. Just as with 


, diamond and graphite, Properties of this sort can be seen to be the result of the 


way in which the particles in the crystals are held together. A metallic element is an 
element whose outermost electrons are only loosely held by the nucleus of the atom and 
which are therefore easily removed. For example, in a piece of a metal such as copper, 
the electrons drift from atom to atom. As an electron arrives at an atom it displaces 


- another electron which then moves on to another atom. These movements will be in 


all directions within the metal. Only when the ends of the metal are connected to a 
battery, will all the drifts be in one direction. This movement is then ‘an electric 
current flowing through the metal. 
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16.8 
Crystal _ 
structures 
of metals 


Fig. 16.14 (a) the first 
layer of spheres (b) the 
second layer of spheres 


Another way of picturing a metal is to think of the electrons which move, not as 
Particles, but as clouds of negative charge. The atoms of the metal can be thought of 
as positive ions because they have lost their outer electrons. The crystal of the metal 
can be pictured as positive ions submerged in a cloud of negative charge which holds . 
the ions together. The crystal is like an orderly arrangement of billiard balls, 
suspended in a tank of water. The balls represent the positive ions and the water, 
which would fill up all the spaces between the balls, would be like the negative charge. 
This sort of bonding, in which closely packed positive ions are held by negative 
charge filling up the spaces between them, is called metallic bonding. 

The electrical forces between the negative charge and the positive ions are strong 
and are responsible for the strengths of most metals. Because the ions require a great 
deal of energy to separate them, the melting point and boiling point of a metal are 
usually high. Since the negative charge between the ions is mobile, it can be made to 
drift in one direction through the structure by a battery, making the metal a 
conductor of electricity. 


The presence of crystals in the metal shows that there must be order in the 
arrangement of the ions and this is confirmed by X-ray diffraction techniques, as with 
sodium chloride crystals. There are two common types of packing which give this order 
and these can be conveniently seen in arrangements of beads or plastic spheres in a 
tray. A layer of spheres can be made by placing a line of them along the edge of the 
tray, then a second line in the spaces between the spheres in the first, then a third in the 
spaces in the second; and so on. A second layer can then be put on to the first with its 
spheres in the spaces between the spheres in the first (Fig. 16.14). : y 

When we get to the stage of putting in the third layer, we find that this can be done in 
two ways. The spheres in this layer can be placed exactly over those in the first layer 
(position 1), or they can be placed in other spaces in the second layer so that they are 
not directly above the spheres in either of the first two layers (position 2). In the latter 
case the third layer covers up the holes going right through both the first and second 


layers of spheres. 


D 


(a) W 


i f packing which 

first of the arrangements for the third Mayer produces the type of p 
ee called the ABAB. This indicates that the third layer is a repetition of the first 
and the fourth a repetition of the second,-and so on. The arrangement is known as 


i ible and when a 
exagonal close-packing. The spheres are as close together as possi 
ai of the rackare is viewed from a particular angle it has hexagonal symmetry 


(Fig. 16.15). Magnesium and zinc have this structure. 
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Fig. 16.15 A model 
showing hexagonal close- 
packing of spheres (the a, 
b, a layers are arranged 
horizontally). (Model : 
C. Grindel. Photo: 

J. Olive) 


16.9 
Silicon 
chips 


ki . 16.16 A model 
showing face-centred cubic 
packing of spheres (the a, 
b, c layers are arranged 

diagonally). (Model: C. 
Grindel. Photo: FJ. Olive) 


The second arrangement for the third layer is known as ABCABC packing, as the 
arrangement is repeated every fourth layer. When a model of this structure is viewed 
from a particular angle (Fig. 16.16), it is possible to see a cube with a sphere in the 
centre of each face. The structure is therefore called face-centred cubic packing. 


The metals aluminium, copper andlead adopt this structure. 


It is a long time now since the Braggs confirmed the order which is shown in a 
crystal. Now we are able to understand how this order arises, we can create order in 
substances where previously there had been only minute ordered areas. One of the 
most spectacular illustrations: of our ability to produce ordered arrangements of 
particles is in the manufacture of integrated circuits for electronics. Single crystals of 
silicon can be prepared large enough to be turned into complicated circuits called 
silicon chips. 

It is possible to have a circuit which is equivalent to tens of thousands of transistors 
on a silicon chip which is 1 cm square. A chip such as this known as a microprocessor 
can be used to build a small computer. The chip must be made from a single crystal. 
Any crystal boundaries or faults would make it unusable. We may not be able to make 
a snow flake with as much beauty as nature, but crystals made into integrated circuits 
have a beauty of their own. ; 

The silicon chip microprocessor not only makes it possible fo 
complex TV games in their homes, but also offers business users an 
chance to have computers at a minute fraction of their previous cost. 

Microcomputers are being, used increasingly in the business world, not only for 
data storage and computing, but also as the basis for word-processors which have 
many advantages over the conventional typewriter. In the chemical industry they 
can be linked directly to instruments which are checking a chemical process. 4 
schools and colleges they are used in the teaching of computer studies, and as a 


teaching aid in other subjects. 


r people to have 
d home users the 
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Fig. 16.17 The Ferranti | | 
F100-L microprocessor is 
constructed from a silicon 

l chip 6mm square and has 

100 times more capacity 

than their first commercial 
computer which used 4000 
valves and 6 miles of 

wire. 


16.10 
Summary 


The magnified 


picture shows the 


complexity of the circuits 
on the chip. (Courtesy 
Ferranti Ltd) 


urated solution or by cooling a 
f particles, called lattices. 

ents of large numbers of 
d charges of the ions 


made by cooling a hot sat 


1. Crystals of substances, 
f orderly arrangements 0 


molten substance, consist 0 
2. Crystals of ionic compounds consist of orderly arrangem 
ions. The shape of a lattice depends on the relative sizes anı 
making up the crystal. The ions are held together by electrostatic attraction. 
3. Crystals of diamond and graphite, which are allotropes of carbon, are examples of 
atomic lattices in which large numbers of carbon atoms are bonded together by 
covalent bonds. The properties of the two allotropes are decided by the ways in 


which the atoms are arranged in the lattices. 


4. Molecular crystals are orderly arrangements © 


f large numbers of covalent 
molecules, held together by weak attrgctive forces. The properties of a substance 
which consists of molecular crystals can o! 


ften be explained by the arrangement of 

the molecules in the crystal and the way they are held together. 

5. Metal crystals consist of positive ions, held in layers by negative charge between 

them. The strengths of metals and their electrical conductivities can be explained 
by these arrangements of ions surrounded by freely moving electrons. 
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Chapter 17 How do the reactivities of metals 
differ? 


Investigation Which metals will displace other metals from their 
17.1 oxides? 


œ Puta mixture of zinc powder and copper(II) oxide into an ignition-tube to 
a depth of about 1 cm. Heat the tube with a medium Bunsen flame, and when 
a reaction starts remove the tube from the flame. When the tube is cool, tip 
out the residue and examine it. 
Repeat the experiment using a mixture of iron powder and copper(I!) 
oxide, but this time heat the tube quite strongly for about two minutes. After 
æ allowing it to cool examine the residue. 


Questions 1 What kind of reaction occurs in these two experiments, and what new 
substances are formed? 
2 Which of these two reactions is the more vigorous? 
3 Ifyou heated a mixture of copper powder and zinc oxide, what do you 
think would happen? 


Investigation ‘Which metals will displace other metals from sol- 
17.2 utions of their salts? 


You will need one small iron nail, and small pieces of aluminium, copper, 
iron, lead, magnesium and zinc. You will also need solutions of salts of each 
of these metals and, if available, a solution of silver nitrate. 


(a) Pour copper(II) sulphate solution into a test-tube to a depth of about 
3cm. 
Drop a clean iron nail into the copper(I!) sulphate solution and leave it 
undisturbed for a few minutes. Observe what happens to the surface of the 
@ nail. 


Questions 1 What do you think has been formed on the surface of the iron nail? 
2 What must some of the iron have been converted to? 
3 Is the iron more or less reactive than the copper? 


œ (b) Take a small quantity of one of the metals and place it in a test-tube 
containing about 2cm depth of a solution of a salt of one of the other 
metals (your teacher will tell you which combinations to try). 

Look for signs of a reaction in which a new metal is deposited on the 
surface of the original one. 
Construct a table of class results, showing in which combinations a 

æ displacement reaction occurred. i 


Question 4 On the basis of this table, try and put these metals into an order of 
reactivity, using the principle that if metal A displaces metal B from a salt, 


then metal A is more reactive than metal B. 
Re ae 
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17.3 

How do metals 
differ from each 
other 


Fig. 17.1 Two metals 
which have very different 
properties (a) Sodium is 
so reactive that it must be 
kept away from air and 
moisture by storing it 
under oil. (Photo: Russell 
Edwards, BSc) (b) Gold 
is so unreactive that it 
never loses its shine. These 
statuettes of Tutankhamen 
were made in the 14th 
century BC. (Courtesy 
Egyptian Museum, 
Cairo) 


17.4 
Reactions of 
metals with 
water 


Elements can be classified as metals rather than non-metals by noting their physical 
properties (e.g. shiny appearance when cut) and chemical properties (e.g. form oxides 
which have some basic properties). In these respects two metals such as sodium and 
gold are similar, but in many other ways they are obviously different. Gold is used to 
make jewellery because it is not attacked by other substances and hence stays shiny. On 
the other hand sodium reacts so violently with water that it must be kept under oil. Also 
a freshly cut piece of sodium rapidly loses its shiny appearance because its surface 
reacts with the moisture and oxygen in the atomsphere. We can conclude that the 
reactivities of gold and sodium towards oxygen and water are very different and yet 
they are both metals. 

By comparing how easily or vigorously metals react with various substances such as 
oxygen, water and acids, it is possible to arrange the metals into orders of reactivity 
with each of these substances. In each set of experiments the order obtained is very 
similar. 

Some metals which you are likely to use, or see, during your chemistry course are 
(arranged in alphabetical order): aluminium, calcium, copper, iron, lead, 
magnesium, potassium, silver, sodium and zinc. 


(a) 


added to water, it is obvious that three of them— 
Potassium reacts most vigorously —it whizzes 
eat produced by the reaction is sufficient to 
melt the metal to form a round globule and also to ignite the gas which is shee “a 
during the reaction. The reaction of sodium with water is slightly a ysis e 
heat evolved is still sufficient to melt the sodium and the molten globule vi es 
around the surface of the water, but with a small piece of sodium no flame is observed. 


When each of the above metals is 
potassium, sodium and calcium—react. 
around the surface of the water. The h 
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A piece of calcium does not melt and it does not move around the surface of the water; 
it reacts steadily giving off bubbles of gas. If the gas is collected, Fig. 17-2, and tested 
with a lighted splint it ignites with a small explosion (or pop) which shows that the gas 
is hydrogen, as this is the only common gas which reacts in this way. In all three 
reactions the remaining solution turns red litmus blue showing that an alkali has been 


formed. 
Fig. 17.2 The reaction of 
calcium with water 
Hydrogen 
Hydrogen 
Water 
Water X 
— Filter funnel 


17.5 
Reactions of 
metals with 
steam 


Calcium turnings 


Fig. 17.3 The reaction of 
magnesium with water. 


Equations for the three reactions are: 
2K(s) + 2H,O(l) > 2KOH (aq) 
2Na(s) + 2H,0() > 2NaOH (aq) 
Cas) + 2H,O() > Ca(OH),(aq) + Hlg) 


Ifa piece of magnesium is left in water with a test-tube full of water clamped above itas 
in Fig. 17.3, a small volume of hydrogen will be collected above the water in a few days, 
showing that magnesium does react very slowly with cold water, 


+ H,(g) 
+ Hlg) 


Reactions tend to occur more readily at higher temperatures. Therefore metals which 
react with water would be expected to react more vigorously with steam. Also we 
could expect that some metals which do not appear to react with water might react 
with steam. 

The latter prediction can be tested on a small scale by producing steam by heating 
a plug of rocksil (which does not take any part in the reaction) soaked in water. The 
steam is then passed over the heated metal either in the form of a powder or, with 
magnesium, as ribbon. When a reaction occurs, the gas produced can be collected 
over water as shown in Fig. 17.4. 

Magnesium, zinc, aluminium and iron do react. The reaction with magnesium is the 
most vigorous, followed by zinc and aluminium, and the iron reaction is slow. The gas 
produced ignites with a pop indicating that it is hydrogen. The residue left in the 
boiling-tube is the oxide of the metal (unlike the products of the reactions of potassium, 
sodium and calcium with water which in each case are the hydroxides of the metals), 


eg. Mg(s) + H,O(g) > MgO(s) + H,(g) 


The reaction with iron is reversible (22.8). If hydrogen is passed over heated iron 
oxide the reverse reaction occurs and some iron and steam are formed. The reaction is 
represented by: 


3Fe(s) + 4H,O(g) = FesO,(s) + 4H,(g) 
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Magnesium ribbon 


Rocksil 
soaked 
with water 


Fig. 17.4 The reaction 
between magnesium and 


steam 


17.6 
Displacement 
reactions 


Magnesium 
ribbon > 


Hydrogen 


Water 


The sign = indicates that the reaction is reversible. 

As predicted; the reactions of potassium, sodium and calciuni with steam are too 
vigorous and dangerous to demonstrate in a school laboratory. The other metals, lead, 
copper and silver do not appear to react with steam. 


When an iron penknife blade is dipped into copper(II) sulphate solution, it becomes 
pinkin colour, showing that some of the copper from the solution has been deposited as 
copper metal on the blade. At the same time some of the iron from the blade passes 
into solution to form iron(II) sulphate solution. The overall reaction is: i 


Fe(s) + CuSO,(aq) > FeSO,(aq) + Cu(s) 


The change can be explained ionically by saying that copper(II) ions, Cu?* (aq), in 
solution have changed to copper atoms, Cu(s), which are deposited on the blade: 


Cu?t(aq) + 2e7 > Cu(s) 


The electrons required for this change are supplied by iron atoms changing to iron(11) 
ions, Fe?+(aq), which pass into solution: 


Fe(s) > Feèt(aq) + 2e7 


The overall ionic equation for the change is obtained by adding the two ionic half- 
equations: 
Fe(s) + Cu®+(aq) > Fet(aq) + Cu(s) 


Thus the sulphate part of the copper(II) sulphate takes no part in the reaction and it 
could be predicted that the same change would occur if the penknife blade was dipped 
into copper(II) nitrate solution or copper(II) chloride solution. The reaction occurs 
because the iron is more reactive than the copper, that is, iron has a greater tendency 
to form ions than copper has. SE 

This type of change can be used to sort out the metals into an order of reactivity 
with respect to each other. If, on adding one metal to a solution of a compound of 
another metal, a reaction occurs, it can be concluded that the first metal is more 
reactive than the second. Investigation 17.2 provides the instructions for finding such 
an order of reactivity. 

Metal-metal ion displacement reactions as exam) 


are discussed in 21.7. 


ples of oxidation and reduction 


167 


17.7 Some metals will displace hydrogen from water or steam (17.4 and 17.5). As a general - 


Reactions of rule, hydrogen is more easily displaced from dilute hydrochloric acid solution a 4 TABLE 17.1. The 
metals with from water itself. For this reason potassium, sodium and calcium must not be added to = reactivity series of REACTIONS OF METALS 
hydrochloric solutions of acids. Each of the other metals may be tested by adding dilute hydrochloric 4 the metals H j 4 i 
acid acid to a small quantity of the metal. If the reaction is slow, gentle heat may be used, A METALS VETE aie ah Wahid STEAN WITH DILUTE WITH SOLUTIONS 
lighted splint can be used to test for hydrogen being given off. i NERA TO FORM HYDROCHLORIC OF COMPOUNDS 
i In decreasing order of vigour, the metals which react are: magnesium, aluminium, 7 a MYDROGEN ACID TO FORM OF OTHER METALS 
zinc, iron and lead (the reaction with lead is only noticeable with warm acid and the | RESE eal HYDROGEN 
reaction is complicated by the fact that the other product, lead(II) chloride, is 7 potassium violent 
insoluble in cold water). Copper and silver do not react, even with warm hydrochloric © sodium reaction violent violent displace 
acid. i ————_ Feaction reaction hydrogen 
In each case where a metal does react, the reaction is: A calcium steady from water 
reaction 
metal + hydrochloric acid > metal chloride + hydrogen a a pe 
newts ETS magnesium very slow 
In the case of magnesium the equation 1s: Bint Ee 
H H, (g) the metal 
Magis) + 2HCI(aq) > MgCh(aq) + Ha(g) een the oy 
This reaction can be explained ionically, in that the magnesium atoms in the metal are zinc cera ft Pes 
changing into magnesium ions which pass into solution: $ Aet Miwni al E Et 
Mg(s) > Mg (aq) + 2e7 ane i reversible | / which is 
lower in 
The hydrogen ions from the acid are changing into molecules of hydrogen gas: lead TEACHON a a te] iit oe the series 
X slight 
2H+(aq) + 2e- > H,(g) ps Ps AnS aN 
The overall ionic equation is obtained by adding these two ionic half-equations copper roi ase as Fae CS | 
together: silver ae 
reaction 
Mg(s) + 2H*(aq) > Mg**(aq) + H,(g) 
This reaction is rather similar to the metal-metal ion displacement reactions which 
were discussed in the previous section, 
eg. Mg(s) + Cu*+(aq) > Mg?+(aq) + Cu(s) 


Therefore the reactions of metals with dilute hydrochloric acid enable us to fix the 
position of hydrogen in the reactivity series (although it is not a metal it does form 
positive ions, Ht(aq)) between copper and lead. 


17.8 Dilute sulphuric acid reacts in the same way as dilute hydrochloric acid and can be 
Reactions of | used to sort out the metals into a similar order of reactivity. { 
metals with Concentrated sulphuric acid and both dilute and concentrated nitric acid react with 
other acids metals to give a variety of products due to the oxidising action of the sulphate and the ~ 
nitrate parts of the acids. The particular reactions of these acids with metals are | 
discussed in detail in 27.26 and 34.7. j 
17.9 Table 17.1 gives an order of reactivity of the metals and summarises their reactions 
Summary with water, steam and dilute hydrochloric acid. The positioning of aluminium is not 
straightforward as the metal is covered with a layer of aluminium oxide which is very 
resistant to attack. If the layer is removed by rubbing the metal with mercury, the ~ 
results would place aluminium between magnesium and zinc, but frequently a 


observations of reactions of aluminium would lead you to think that it ought to be 
placed lower in the series. £ , 4 
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Chapter 18 


Hydrogen 


LL 


The preparation and properties of hydrogen 

Hydrogen can be produced by the action of a metal which is above hydrogen 
in the reactivity series (17.9) on dilute sulphuric acid or dilute hydrochloric 
acid, provided the metal does not form an insoluble salt from the acid. To 
prepare the gas in the laboratory, it is necessary to choose the metal and the 
acid to give a steady flow of gas. The reaction of dilute hydrochloric acid on 
granulated zinc is convenient for this purpose. 


Investigation 18.1 


æ You will need an apparatus such as that shown in Fig. 18.1. ON NO 
ACCOUNT SHOULD YOU BRING A FLAME CLOSE TO THE EXIT TUBE 
OF THE APPARATUS, AS THIS COULD CAUSE AN EXPLOSION INSIDE 


THE FLASK. 


Dilute sulphuric acid 


Fig. 18.1 


Hydrogen 


Water 


Zinc 


(a) Place about 1 cm depth of granulated zinc in the flask, insert the bung 
firmly, add about %3 cm® of copper(I!) sulphate solution (which acts as 4 
catalyst). Then add enough dilute sulphuric acid so that the bottom end of 
the funnel tube is covered. 
Air Let the reaction proceed for about 2 minutes to give time for air to be 
1 displaced from the flask, then start the investigation. (If at any time the 
reaction becomes too slow, more acid may be added via the funnel.) 
Fill a test-tube with water, put your finger over the end and invert it over 
' the delivery tube as shown in Fig. 18.1. > 
When the tube is full of gas close the end with your finger before removing 
the tube from the water. Keeping the tube closed, take it several feet away 


Fig. 18.2 from the apparatus (to avoid accidents), open the tube and hold the mouth 
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pele of the tube near a Bunsen flame. Note what you see and hear. This is the 
/ characteristic test for hydrogen. 


(b) Collect another test-tube full of the gas and try to pour the hydrogen 

upwards into a test-tube of air, as shown in Fig. 18.2. Find whether hydrogen 

Dry test-tube has been transferred to the second test-tube by opening it close to a Bunsen 
æ flame as in part 1 of this investigation. 


Fig. 18.3 

Question 1 od can you conclude about the density of hydrogen compared to that 
of air 

Hydrogen 


ish æ (c) Take away the dish of water and let the hydrogen flow from the delivery 
spin tube into a dry test-tube held at an angle of about 45° as shown in Fig. 18.3. 
Let the gas flow for about twice as long as it took to collect a tube-fill over 
water in-the previous experiment. Then lift the test-tube off the delivery tube, 
closing it with your finger as you do so. Take it away from the apparatus. 
Invert the tube and then; keeping your fingers away from the open end of the 
@ tube, hold a lighted splint to the mouth of the tube’ (Fig. 18.4). 
Fig. 18.4 ; 


2 With which part of air is the hydrogen likely to\be combining when it 
burns? 

3 What is the liquid left in the test-tube after burhing hydrogen? 

4 How could you prove what the liquid is? 


Questions 


18.2 Hydrogen is the gas which is displaced from water by calcium (17.4), from steam by 
magnesium (17.5) and from dilute hydrochloric or sulphuric acid by zinc. Hydrogen 
gas is present on the Sun and on many other stars but there is very little free hydrogen 
on the Earth. There is almost none at all in the Earth’s atmosphere. Most of the 
hydrogen on the Earth is combined with other elements such as with axygen in water. 
It is also found in a combined form in all living things and in substances such as oil and 
natural gas which have been formed from living things. 

If a test-tube of a colourless gas ignites with a pop then it is likely to be hydrogen. 
The other distinctive property of hydrogen is that it has a very low density. It is about 
fifteen times less dense than air and for this reason it was used in early balloon travel. It 
was a balloon filled with hydrogen which first carried men by air across the English 
Channel. A Frenchman, J. P. Blanchard, and an American, John Jeffries, made the 
crossing in 1785. To prevent the balloon from falling into the sea during the flight 
they had to reduce their load by throwing most of their belongings (including 
Blanchard’s trousers) overboard. 

If you think back to the test for hydrogen which was mentioned above, you will 
realise that the use of hydrogen in balloons or airships has a serious disadvantage. This 
point was made clear to the world by disasters such as that which struck the giant 
airship Hindenburg. This airship, which was 240m long and contained about 
140 000 m? of hydrogen, burst into flames at Lakehurst, U.S.A. in 1937, When you see 
how readily a test-tube full ofhydrogen ignites, you can begin to appreciate the danger 
of having an airship filled with thousands oficubic metres of the gas. Many people lost 
their lives-in the Hindenburg disaster. Since about that time balloon travel has been 


confined to the use of helium-filled balloons or airships, or hot air balloons. Helium is 
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Fig. 18.5 The use of 
different gases for balloon 
travel (a). The 
Hindenburg, which was 
filled with hydrogen 
(Courtesy The Science 
Museum) (b) This 
balloon uses hot air. The 
heat is obtained by 
burning a ‘bottled’ gas 
such as butane. (Courtesy 
J. Walter Thompson Co 
for Rank Hovis Ltd). (c) 
The first successful 
balloon crossing of the 
Atlantic was by the 
hetium-filled Double 
Eagle in 1978. (Courtesy 
of the Press Association 
Ltd) 


18.3 
Laboratory 
preparation of 
hydrogen 


(c) 


only about seven times less dense than air, but it does not burn. Hot air balloons fly 
because hot air is less dense than air at normal atmospheric temperature. 

The fact that hydrogen is no longer used for balloons does not mean that the gasis no 
longer important. It is used in enormous quantities in the chemical industry, in 
particular for making ammonia which is itself very important for making fertilisers 
(33.10). Hydrogen is also used in converting vegetable oils into margarine (31.9). 
Hydrogen has been brought to the public notice because of the hydrogen bomb. The 
mechanism of the bomb involves the combination of different types of hydrogen atom 
(isotopes, 13.5) to form helium. This change gives off enormous quantities of energy 
and is similar to the processes by which the energy in the forms of light and heat are 
produced on the Sun. The hydrogen bomb has nothing to do with the burning of 


hydrogen. 


In Chapter 17 several reactions which produce hydrogen were mentioned. The 
reaction which is most suitable for preparing and collecting a sample of hydrogen in 
the laboratory is the one which produces the gas at a reasonable rate without the 
application of heat. Zinc with dilute sulphuric acid is usually used. A trace of 
copper(II) sulphate solution is added to the zinc at first as this speeds up the reaction. 
(Some copper is displaced from the solution and deposited on the zinc. This results in 
the zinc being attacked more rapidly as it is the more reactive of the pair of metals 
present, 20.4.) 

Test-tubes full of the gas can be obtained by collecting it over water as shown in Fig. 


18.1. The equation for the reaction occurring is, 
Zn(s) + H,SO,(aq) > ZnSO,(aq) + He(g) 


or Zn(s) + 2H*(aq) > Zn?+(aq) + Hy(g) 


Owing to the explosive nature of mixtures of the gas with air, all flames must be kept 4 


well away from the apparatus. If you wish to carry out a test for the presence 0 
hydrogen, a test-tube containing the gas should be either stoppered or covered wi 
your finger and taken well away from the apparatus before testing with a lighted splint. 
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18.4 
Manufacture of 
hydrogen 


. The reaction of a metal with’ an acid is too expensive to be a suitable method for 
preparing the gas on a large scale. In order that substances which are made with 
hydrogen, such as ammonia and margarine, will be reasonably cheap, it is important 
that the cost of producing the hydrogen is kept as low as possible. It is for this reason 
that the methods of producing hydrogen have changed over the years as different 
processes have been developed and different raw materials have become available. 


From coal 
In Germany in 1913, just before the First World War, the demand for hydrogen 
increased dramatically in order to produce ammonia by the Haber Process (33.9). 
The ammonia was used to make nitric acid which was then used for making 
explosives. Before this, nitric acid was made from sodium nitrate from South 
America. 

The hydrogen for the Haber Process was produced by passing steam over white hot 
coke (previously made from coal). The resulting mixture of carbon monoxide and 
hydrogen is known as water gas: 


H,O(g) + C(s) > CO(g) + Hale) 
water gas 


Water gas was then mixed with more steam and passed over a heated iron catalyst 
which resulted in the carbon monoxide being converted into carbon dioxide, and the 
formation of more hydrogen: 


CO(g) + H,O(g) > COz(g) + Ha(g) 


This reaction is known as the shift reaction. Carbon dioxide is removed by dissolving 
it in water under pressure. The reaction which forms water gas absorbs heat 
(endothermic, 22.5) and would eventually stop when the temperature of the coke 
becomes too low. For this reason it is necessary to pass air over the coke at intervals so 
that the partial combustion of the coke reheats it. The mixture of gases produced by 
this change is called producer gas: 


O,(g) + 4Ns(g), + 2C(s) > 2CO(g) + 4N:(8) 
air producer gas 


From petroleum 
Owing to the relatively high operating costs of the water gas process and the high cost 
of coal, it was gradually replaced by a process which starts with petroleum. 
‘Around the 1950s a method of converting the part of petroleum oil known as 
naphtha (31.5) into a mixture of carbon monoxide and hydrogen was developed by 
I.G.I. in the United Kingdom. Naphtha is a mixture of hydrocarbons such as CHy 
and C,H,,. The process which is known as steam reforming involves reacting naphtha 
with steam at about 900°C. The reaction for one of the hydrocarbons is: 


C,H,x(g) + 6H,O(g) + 6CO(g) + 13H,(8) 


This mixture of products is called synthesis gas as it can be used for synthesising 
other important chemicals. It can be converted into carbon dioxide and more 
hydrogen by the same shift reaction as was used in the water gas process. Carbon 
dioxide is removed by dissolving in water as above. 


From natural gas 

From the 1930s in the U.S.A. natural gas (mainly methane, CH,), which was plentiful 
there, was used to prepare a mixture of carbon monoxide and hydrogen. Since the 
discovery of natural gas under the North Sea it has become more economical in the 
U.K. to use methane as the main source of the mixture of carbon monoxide and 


hydrogen: 


18.5 
Properties of 
hydrogen 


CH,(g) + H,O(g) > CO(g) + 3H,(g) 


The mixture is then reacted with more steam in the shift reaction. The resulting 
carbon dioxide is removed as in the other methods of making hydrogen. 


Ina particular country, the method selected for producing hydrogen will depend on 
which of the possible raw materials is most readily available. 


Hydrogen is insoluble in water, colourless, and has no smell. At any particular 
temperature and pressure the density of hydrogen is less than that of any other gas 
measured at the same temperature and pressure. 

It combines directly with a number of non-metallic elements. 


Reactions with non-metals 

When a mixture of hydrogen and oxygen is kept at room temperature there is no 
reaction. However, the heat from a spark or a burning splint is sufficient to start the 
reaction, which then becomes so rapid that it is explosive. 

A stream of pure hydrogen will burn quietly in air with a pale blue flame. If the 
flame is kept near a cold surface (10.8), the product of the burning condenses as a 
colourless liquid. This liquid turns white anhydrous copper(II) sulphate blue, showing 
that it contains water. If sufficient of the liquid is collected, it will be found to boil 
at 100°C and freeze at 0°C showing that it is water. The equation for the burning is: 


2H,(g) + O2(g) > 2H,0(1) 


Hydrogen will also combine with oxygen which is already combined with other 
elements. For example, hydrogen will remove the oxygen from oxides of lead and 
copper forming the metal in each case. (This process is called reduction, 21.4.) 


eg. CuO(s) + Hy(g) > Cu(s) + H,O(g) 
PbO(s) + H,(g) —> Pb(s) + H,O(g) 


Investigation 4.4 gives instructions and shows a diagram of the apparatus required to 
demonstrate these reactions. More will be said about the production of metals from 
their oxides in Chapter 24. 

A mixture of hydrogen and chlorine kept at room temperature also appears not to 
react, but in this case the reaction requires even less energy to cause it to explode. The 
energy of the light (23.14) from burning magnesium or even direct sunlight is sufficient 
to start the reaction and cause the mixture to explode. For this reason mixtures of 
hydrogen and chlorine should not be prepared in school laboratories. The product of 
the reaction is hydrogen chloride: 


H,(g) + Cl,(g) > 2HCl(g) 


Under other conditions the reaction can be controlled and is used to manufacture 
hydrogen chloride which is used to make products such as polyvinyl chloride (PVC). 

With nitrogen, even though it is unreactive compared to chlorine and oxygen, 
hydrogen reacts to form aminonia. This reaction is the basis of the Haber Process for 
the production of ammonia which is discussed in detail in 33.9. 


ig Hydrogen is very important in the chemical industry as it is used in the production 
of important substances such as margarine, ammonia for fertilisers, and hydrogen 
chloride for polyvinyl chloride. 

2. It is prepared in the laboratory by the reaction of a dilute acid (sulphuric) with a 
metal (zinc). 

3. The main industrial source of hydrogen in the U.K. is now natural gas. 

4. oe reacts explosively with some non-metals, in particular oxygen and 
chlorine. 
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Chapter 19 


The products formed by passing 
electricity through substances 


Investigation 
19.1 
Fig. 19.1 
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What patterns are there in the products formed during 
the electrolysis of aqueous solutions of electrolytes? 


In all of the following investigations an electrolysis cell similar to that in Fig. 
19.1 should be used. This cell is suitable for passing electricity through 
aqueous solutions of electrolytes and collecting any gaseous products 
which are formed. 


Gaseous products 


Electrolyte 


Positive electrode Negative electrode 


z 


When trying to identify a gas given off during electrolysis, first make a list 
of the gases it could possibly be and then, if necessary, look up the tests for 
the gases by consulting the appropriate chapter in. this book. Remember 
there is no point in testing for a gas which could not possibly be formed. For 
example, chlorine could not be formed from sodium sulphate solution as 
there is no chlorine in the solution. 


You will need, in addition to the cell, a low voltage supply of direct current 
such as a 6 V dry battery, connecting wires and small glass tubes fitted with 


rubber teats for collecting the gases. 


(a) Pour sufficient dilute sulphuric acid into the cell to cover the electrodes. 

By means of a rubber teat completely fill a piece of glass tubing with water 
and invert it over one of the electrodes as shown in Fig. 19.1. Put another 
tube full of water over the other electrode. Support each tube so that it covers 
about the top 1 cm of the electrode. 

Connect each electrode to the power supply and when sufficient gas has 
been produced to test, try to identify the gases. Make a note of which gas is 
produced at the positive electrode and which at the negative. 


Question 
Investigation 
19.2 
Questions 


After washing the cell out, repeat the procedure using dilute sodium 


æ hydroxide solution as the electrolyte. 


The ions present in each solution are as follows: 
dilute sulphuric acid solution, 
H*(aq) and OH~(aq) from H20 
H*(aq) and SO,?-(aq) from HSO, 
dilute sodium hydroxide solution, 
H*(aq) and OH- (aq) from H20 
Na*(aq) and OH~(aq) from NaOH 


The same product is formed at the positive electrode in both experiments. 
When sodium hydroxide solution is the electrolyte, the gaseous product 
must have been formed by discharging hydroxide ions as these are the only 
negative ions present. When dilute sulphuric acid is the electrolyte it is also 
the hydroxide ions which are discharged, in this case in preference to the 
sulphate ions. 

When H*(aq) and Na+ (aq) ions are present in the same solution, which 
ion is discharged in preference to the other? 


œ (b) Write down the formulae of the ions present in each of the following 
solutions and then, using the knowledge gained in the first part of this 
investigation, predict what the products are likely to be when each solution 
is electrolysed: 


sodium sulphate, Na2SO. 
potassium hydroxide, KOH 
potassium sulphate, K2S04 


æ Test your predictions for as many of the electrolytes as time permits. 


What are the products formed when solutions of 
chlorides are electrolysed? 


You will need the same apparatus as used in Investigation 19.1 (Fig. 19.1). 


Pour concentrated sodium chloride solution into the cell until the electrodes 
are covered. Fill the glass tubes with the sodium chloride solution (rather 
than water) and support them over the electrodes. 

Connect each electrode to the Power supply and try to identify the gases 
which are produced. Make a note of which gas is produced at the positive 
electrode and which at the negative. 

Repeat the procedure using concentrated potassium chloride solution 

<% instead of sodium chloride solution. 


1 There are two negative ions present in each solution, OH- (aq) and 
CI- (aq). When a concentrated solution of a chloride is electrolysed, which of 
these two ions is discharged in preference to the other? 

2 When very dilute sodium chloride solution is electrolysed, oxygen is the 
main product at the anode. Using this information and that which you 
obtained from Investigation 19.1, write down the ions, Cl (aq), OH- (aq) 
and SO,?- (aq) in order of decreasing ease of discharge from dilute solutions 
of the ions. 
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Investigation What are the ucts formed when copper(II) sul- 
19.3 phate solution is electrolysed using carbon electrodes? 


Using the electrolysis cell shown in Fig. 19.1 pass a direct electric current 
through a solution of copper(II) sulphate solution. In addition to trying to 
identify any gases which are formed, carefully observe what happens to the 

@ electrodes. 


Questions 1 The positive ions present in the solution are H*(aq) and Cu?* (aq). 
Which ion is discharged in preference to the other? 
2 What must be happening to the concentration of the copper ions in the 
solution? What will eventually happen to the colour of the solution? 
3 Using the information gained from this investigation and Investigation 
19.1, write down the ions, Cu?*(aq), Na*(aq) and H*(aq) in order of 
decreasing ease of discharge from dilute solutions of the ions. 


Investigation What happens when copper(II) sulphate solution is 
19.4 .  electrolysed using copper electrodes? 
œ You will need two copper electrodes and a source of direct current similar to 
that used in Investigation 19.1. 


Weigh two clean copper foil electrodes. Dip the electrodes into a solution of 
copper (Ii) sulphate solution in a small beaker (Fig. 19.2), Pass a small 
direct current through the solution. Note which electrode is connected to the 
positive terminal and which to the negative. 


Fig. 19.2 


Copper foil 
electrodes 


Copper(II) 
sulphate 
solution 


After about 10 minutes, disconnect the electrodes, carefully remove them 
from the solution and wash them by gently dipping them firstly into a beaker 
of pure water and then into a beaker of propanone. : 

@ When the electrodes are dry, weigh each one again. 


1 Bearing in mind that conduction by an electrolyte involves taking 
electrons from the cathode and giving them up to the anode (19.6), suggest 
equations for the changes which have occurred at each electrode, 

2 During electrolysis the number of electrons transferred at each electrode 
must be identical. What will happen to the concentration of the copper ions 


in the solution during electrolysis? 
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Questions 


lead(II) bromide 


EN 


Fig. 19.3 The conduction 
of electricity by molten 


This chapter is concerned with the identity of the products and how they are formed 
when a direct current is passed through substances. Chapter 6 concentrated on what 
can be learnt about substances by passing electricity through them. It was noted that 
when an electrolyte conducts electricity, the positively charged ions (cations) which 
are present are attracted to the negative electrode (cathode) and the negatively 
charged ions (anions) to the positive electrode (anode). 

Some of the ions which are attracted to the electrodes are converted into neutral 
atoms or molecules. For example, when electricity is passed through molten lead (II) 
bromide, lead is produced at the cathode and bromine at the anode. Thus the 
compound lead (II) bromide is separated into its two elements, which means that a 
chemical change has occurred. 


Positive 
electrode 


Molten lead(II) 
bromide 


The process of producing chemical changes by passing a direct electric current 
through electrolytes is known as el is. 

Electrolysis is of considerable economic importance as many essential materials such 
as aluminium and chlorine are obtained by electrolytic methods. The plating of objects 


with metals such as chromium and silver is also carried out by electrolysis. 


As the reactions which occur at the electrodes stop as soon as the current is switched off, 
it seems likely that the reactions play an essential part in the conduction of electricity 
by the electrolyte. A current of electricity through a metal is a flow of electrons, so the 
electrode reactions must be helping to maintain the flow of electrons through the wires 
connecting the electrodes to the battery or other source of electricity. 

Lead(II) bromide contains lead ions each with a relative charge of 2+ (i.e. Pb?+) 
and bromide ions each with a relative charge of 1 — (i.e. Br-). The Pb?+ ions are 
changed to neutral atoms of lead (Pb) at the cathode.and the Br- ions are changed to 
neutral molecules of bromine (Br,) at the anode. _ 

These changes can be explained by the theory that electrons (which have a relative 
charge of 1 — and are represented by e-) are lost from the negative electrode: 


Pb?+ + 2e- > Pb (1) 
from the 
cathode 
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19.8 

Products from 
molten 
electrolytes 


thus neutralised (or discharged). : 
At the positive electrode each bromide ion loses one electron to the electrode: 


Br- — e- > Br (2) 
to the 
anode 


As Br- loses one negative charge it becomes neutralised or discharged. Two of these 
neutral atoms then combine to form a bromine molecule, Bry: 


2Br — Br, 


The battery is trying to push electrons towards the negative electrode and pull them 
away from the positive electrode. Electrode reaction (1) helps the former process and 
electrode reaction (2) helps the latter process. Fig. 19.3 shows how electrode reactions 
(1) and (2) are helping to maintain the flow of elctrons around the circuit. 

Whenever an electrolyte conducts electricity there must be an electrode reaction 
using up electrons at the negative electrode and another electrode reaction giving up 
electrons at the positive electrode. 


The number of electrons transferred at the cathode must be equal to the number 
transferred at the anode. The actual numbers involved are very large so, as in the case 
of atoms, ions or molecules, it is more convenient to refer to moles of electrons rather 
than actual numbers. 

In the example above, 2 moles of electrons are required to neutralise 1 mole of Pb?+ 
ions, but the transfer of 2 moles of electrons.at the anode will result in the neutralisation 
of 2 moles of bromide ions. That is, for every mole of lead atoms produced there will be 
2 moles of bromine atoms produced. This ratio is consistent with the formula of 
lead(II) bromide, PbBr,. 2 moles of bromine atoms formed will combine together to 
form 1 mole of bromine molecules: 


2Br — Br; 


As the minimum relative charge on any ion is 1 + or 1 —, and the relative charge on 
an electron is 1 —, the minimum number of electrons required to neutralise 1 mole of 
ions is 1 mole of electrons. aes ' 

The transfer of 1 mole of electrons through a circuit is equivalent to the passage of 
the minimum quantity of electricity required to neutralise 1 mole ofions. This quantity 
of electricity is approximately 96 500 coulombs and is known as a Faraday (6.11). In 
the above example: ied ; 

1 mole of Pb?+ ions requires 2 moles of electroris which is equivalent to 2 Faradays or 

2 x 96500 coulombs of electricity, and iih ; 

1 mole of Br- ions requires 1 mole;of electrons which is equivalent to 1 Faraday or 


96 500 coulombs of electricity. 


The products which are observed to be formed ‘during the electrolysis of molten 
electrolytes are easily explained. Ifthe electrolyte is a pure com pound, there is only one 
type of positive ion present and one type of negative ion present. Therefore there is only 
one possible product at feach electrode. If the relative charges on the ions are 
known, the electrode reactions can be worked out. 

The explanations of some examples are given below. 


Electrolyte: molten sodium chloride 
Electrodes: carbon 
Ions present: Nat and Cl- 
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The two negative charges balance out the two positive charges on the lead ion which is 


19.9 

Products from 
aqueous 
solutions of 
electrolytes 


At the cathode: Na+ ions are attracted and converted into neutral atoms of sodium 
by removing electrons from the electrode: 


Nat + e- — Na 


At the anode: CI- ions are attracted and converted into neutral atoms of chlorine by 
giving up electrons to the electrode: 


Cl- — e- > Cl 
Chlorine atoms then combine to form`chlorine molecules: 
2Cl"— Cl, 


The commercial application of this process for the production of sodium and 
chlorine is described in 24.7. 


Although pure water is not a good conductor of electricity it does conduct slightly as it 
does contain some ions. The formation of hydrogen ions and hydroxide ions fror water 
is represented by the equation: 


H,O(l) = H+ (aq) + OH-(aq) 


(The = sign indicates that the change is reversible) 

The concentration of ions in pure water is very small. At 25°C there are 10~? moles 
of H+ ions and 10-7 moles of OH- ions per dm? of pure water. Thus, for example, 1 
mole of potassium chloride dissolved in water to form 1 dm? of solution will provide 
about 10 million times more ions than is provided by the water in which it is dissolved. 

When you try to predict the products of the electrolysis of aqueous solutions, the ions 
from the water create problems as the solution may contain two types of positive ions 
(e.g. H+ and Na+) and two types of negative ions (e.g. OH- and Cl-). 

When two types of positive ions are attracted to the negative electrode, one type of 
ion tends to be discharged in preference to the other. This also happens when two 
types of negative ions are attracted to the positive electrode. Which ion, is 
preferentially discharged can depend on three factors: 

1. The nature of the ions themselves; that is, some ions gain or lose electrons more 
readily than others. 

2. The relative concentrations of the ions. This is an important factor when Cl- ions 
and OH- ions are present together. 

3. The substances from which the electrodes are made. 

The products which are observed to be formed during the electrolysis of some 
common aqueous solutions are explained below. 


Electrolyte: dilute sulphuric acid 
Electrodes: platinum or carbon 
Tons present: H+(aq) and OH-(aq) from the water 
H*(aq) and SO,?- (aq) from the sulphuric acid 
At the cathode: H+ (aq) ions, which are the only positively charged ions present, are 
attracted to the electrode and neutralised to form hydrogen molecules: 


H*(aq) + e > H 
2H — H,(g) 
The two equations can be combined: 
2H*(aq) + 2e- > H,(g) 
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At the anode: OH~(aq) ions and SO,?>(aq) ions are attracted, OH* (aq) ions are 
more easily discharged forming oxygen gas: 


40H (aq) — 4e> > 2H,O(1) + O,(g) 


The equations for the electrode reactions show that 1 mole of hydrogen molecules are 
produced by the transfer of 2 moles of electrons, whereas 1 mole of oxygen molecules 
requires the transfer of 4 moles of electrons. The number of moles of electrons 
transferred at each electrode must always be equal, thus the number of molecules, and 
hence the volume, of hydrogen produced will be twice that of oxygen. 


Electrolyte: dilute sodium hydroxide solution 
Electrodes: platinum 
Ions present: H*(aq) and OH~(aq) from the water 
Na*(aq) and OH~(aq) from the sodium hydroxide 
At the cathode: H+ (aq) ions and Na*(aq) ions are attracted; H+ (aq) ions are the 
more easily discharged and hydrogen is formed by the same electrode reactions as in 
the previous example. 
At the anode: OH- (aq) ions are attracted and are discharged by the same electrode 
reactions as in the previous example and oxygen is given off. 
The products formed by the electrolysis of sodium sulphate solution can be 
predicted to be hydrogen and oxygen by comparing the ions present in this solution 
with the ions present in the solutions used in the previous two examples. 


Electrolyte: sodium chloride solution 
Electrodes: carbon 
Ions present: H*(aq) and OH~(aq) from the water : 
Nat(aq) and Cl-(aq) from the sodium chloride ; 
At the cathode: H+ (aq) and Nat (aq) are attracted and as in the example of sodium 


hydroxide solution, hydrogen is given off. $ Ae : 
At the anode: OH~(aq) and Cl-(aq) are attracted. If the solution is very dilute, 
OH-(aq) ions are discharged in preference to Cl-(aq) ions and oxygen is formed as in 


the previous two examples. ; aa i " 
When the solution is more concentrated the main electrode reactions the discharge 


of the chloride ions: 
Cl-(aq) - e > Cl 
2Cl + Cl,(g) 


These two equations can be combined: 


2Cl-(aq) — 2e- > Cl,(g) 


is of concentrated sodium chloride solution is an extremely important 
Pik pinto (29.7). Not only does it produce hydrogen and chlorine pni bn A 
the region of the negative electrode the removal of H*(aq) ions results ina build up i 
an excess of OH- (aq) ions. These ions, together with Nat (aq) ions sinies are attracte 
to the electrode, make up a solution of sodium hydroxide. This is an important 
substance used in other branches of the chemical industry such as paper 


manufacture. 
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Fig. 19.4 Electrolytic 
purification of copper 


Electrolyte: copper(I) sulphate solution 
Electrodes: platinum or carbon 
Tons present: H*(aq) and OH-(aq) from water 
Cu?*(aq) and SO,?>(aq) from copper(II) sulphate 
At the cathode: H+ (aq) and Cu*+(aq) are attracted. Cu?+(aq) ions are more easily 
discharged and copper metal is deposited on the electrode: 


Cu?*(aq) + 2e- > Cu(s) 


At the anode: OH- (aq) and SO,?~ (aq) are attracted. This is exactly the same as 
in the case of the electrolysis of dilute sulphuric acid with platinum or carbon 
electrodes, and therefore oxygen is produced by the same electrode reactions. 

As the electrolysis proceeds, the concentration of Cu*+ (aq) ions in the solution will 
decrease and hence the blue colour will fade. Also as OH-(aq) ions are removed from 
the solution, there will be a build up of H+(aq) ions and the final solution when all the 
copper ions have been removed will be dilute sulphuric acid. 

If the positive electrode (anode) is made of copper rather than platinum or carbon, 
it gradually dissolves. During this change the copper atoms of the copper electrode 
itself change into copper ions which pass into solution. The ions are formed by 
electrons being removed from the atoms. The electrons are left on the copper 
electrode and hence the reaction satisfies the condition that electrons must be given 
up to the anode during electrolysis: 


Cu(s) — 2e- —> Cu*+(aq) 
; q 
to the 
anode 


In this casé the concentration of copper ions in the solution will remain constant. For 
every copper ion which is deposited as a copper atom at the cathode, a copper atom 
will dissolve as a copper ion at the anode. 


Impure copper Pure copper 
anode (+) cathode (—) 


Copper(II) sulphate 
solution 


This example of electrolysis is particularly important as it is used for purifying 
copper during the final stage of the production of the metal from its ores. Impure 
copper is made the anode“and a piece of pure copper the cathode (Fig. 19.4). 
Copper(II) sulphate solution is the electrolyte and during the ¢lectrolysis, copper is 
dissolved at the anode and deposited as pure copper at the cathode. Impurities in the 
anode which are soluble pass into solution and those which are insoluble collect as a 


sludge at the bottom of the container. 
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Fig. 19.5 Copper 
purification in progress. 
The photograph shows 
rows of impure copper 
anodes and pure copper 
cathodes. (Courtesy RTZ 
Services Ltd) 


19.10 
Patterns in the 
products 


It has already been pointed out that in certain cases the products of electrolysis can be 
changed by changing the concentration of the electrolyte or by changing the 
substances from which the electrode is made. Despite these complications, there are 
some patterns in the types of products formed which are worth noting. 

1. At the cathode either a metal or hydrogen is produced. 

2. At the anode either a non-metal other than hydrogen is produced or the metal 

electrode dissolves. 

3. When a mixture of ions is present, there is an order of preferential discharge. In 
the case of the positive ions, it resembles the reverse order of the reactivity series 
(17.9). For positive ions, starting with the most easily discharged, the order is 
Cu?* (aq), H* (aq), Na* (aq). 

For negative ions the order is OH” (aq), C17 (aq), SO,?~ (aq). Remember that 
the order of OH™~ (aq) and CI” (aq) is reversed for higher concentrations of 
C17 (aq), which is usually the case. 


1. Production of useful substances 
The process of electrolysis is used in the production of the more reactive metals such as 
sodium and aluminium (24.7 and 24.8) for which straightforward chemical methods of 
extraction are either not suitable or not possible. 

The electrolysis of concentrated sodium chloride solution is an essential stage in the 
production of chlorine, hydrogen, hydrochloric acid, sodium hydroxide and sodium 
hypochlorite from rock salt (29.7). 


2. Electroplating 


The chromium plating on parts of motor cars is produced by electrolysis. Chromium is 
more resistant to corrosion than steel and it can be polished to produce an attractive 
shiny surface. However, chromium is much more expensive than steel and so it is usual 
to cover the steel with a very thin layer of chromium, Electrolysis is particularly 
effective at depositing a thin, even layer of metal on an object. In this case the steel is 
first electroplated with a layer of copper or nickel. Chromium sticks better on this 
layer than it does on steel. The object such as a car bumper or headlight trim is made 
the cathode and pure chromium is used as the anode. The electrolyte is a solution of 
chromium (VI) oxide in dilute sulphuric acid. The process which occurs is similar to 
that used for the purification of copper. The metal is dissolved at the anode and 
deposited on the cathode. Oa st 

The layer of tin on the ‘tin’ cans used as food containers is usually electroplated on to 
the steel by making the steel the cathode, pes tin the anode and using an electrolyte 

ining Sn?+ (aq) ions. . 

Tinis ne Ae to corrosion than steel but it would be too expensive to make the 
containers entirely of tin. By similar processes, cutlery which is marked EPNS has been 
electroplated with nickel and then with silver. 


Merman which has been exposed to the atmosphere is covered with a layer of 
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Fig. 19.6 These motor car wheel rims have been nickel and 


en 


Fig. 19.7 These aluminium wheel trims have been anodised. 


chrome plated by being automatically dipped into a series of (Courtesy RTZ Services Ltd) 
electrolytic cells and washing liquids. (Courtesy W. Canning 


Engineering Ltd) 


19.12 
Summary 


TABLE 19.1. Products 
of some examples 
of electrolysis 


aluminium oxide, Al,Os, which protects the metal from further corrosion. This layer of 
oxide can be thickened and its protective powers increased by making the aluminium 
the anode with dilute sulphuric acid as the electrolyte. OH- (aq) ions are neutralised at 
the anode and oxygen is produced. Some of this oxygen is used up in oxidising the 
surface of the aluminium anode. 

The oxide layer at this stage readily absorbs dyes which can then be permanently 
sealed into the layer by placing the object in boiling water. This process is used to 
produce brightly coloured, corrosion resistant articles such as saucepan lids. 


1. Electrode reactions enable an electrolyte to conduct electricity by removing 
electrons from the negative electrode (cathode) and giving up electrons to the 
positive electrode (anode). 

2. The transfer of 1 mole of electrons at each electrode is equivalent to the passage of 1 
Faraday (96 500 coulombs) of electricity through the circuit. 

3. The products of some of the more important examples of electrolysis are given in 
Table 19.1. : 


ELECTRODES PRODUCTS 


ELECTROLYTE 
CATHODE ANODE CATHODE ANODE 
a 
lead(II) bromide carbon carbon lead bromine 
sodium chloride carbon carbon sodium chlorine 
potassium iodide carbon carbon potassium | iodine 
sulphuric acid platinum | platinum | hydrogen | oxygen 
(dilute) or carbon | or carbon 
sodium hydroxide platinum | platinum | hydrogen | oxygen 
(dilute) : 
sodium chloride carbon carbon hydrogen | oxygen 
aqueous (very dilute) 
solutions sodium chloride carbon carbon hydrogen | chlorine 
(concentrated) 
copper(II) sulphate platinum | platinum copper oxygen 
or carbon | or carbon 


copper(II) sulphate copper copper copper copper 
deposited | dissolved 


Chapter 20 


Using substances to produce 
electricity 


Investigation 


-20.1 


Fig. 20.1 


Questions 
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How can we obtain electricity from chemical re- 
actions? 
You will need a voltmeter reading 0-3 V, two wires fitted with crocodile 


clips, and clean pieces of magnesium ribbon, copper foil and zinc foil, You 
will also need a small beaker containing dilute (0:5 M) sulphuric acid. 


(a) Using the wires with clips, connect a piece of magnesium ribbon to 
one terminal of the voltmeter and a piece of copper foil to the other, as 
shown in Fig, 20.1. Now dip both the metals into the dilute sulphuric acid, 
without letting them touch each other, and note whether you get a reading 
on the voltmeter. 


Voltmeter 


Magnesium 
ribbon 


Copper 
foil 


Dilute sulphuric acid 


(b) Replace the copper foil with another piece of magnesium ribbon, dip 
both pieces of magnesium into the acid, and note whether you get a 
reading on the meter. 

Now replace both pieces of magnesium ribbon with pieces of copper foil, 
and dip the two pieces of copper into the acid. Do you get a reading this 
time? 

(c) Replace one of the pieces of copper foil with a piece of zinc foil, but have 
the copper connected to the same terminal of the meter as in part (a) of the 
investigation. Dip both metals into the acid and see whether you get a 
reading on the meter, 

(d) Keep the metals the same as in part (c), but now try different solutions 
in the beaker. Possible ones to try are sodium sulphate solution, sodium 
chloride solution, and sugar solution. Make a note of those cases where you 
get a reading on the meter, and those cases (if any) where you do not. 


1 In order to produce electricity by dipping two pieces of metal into a 
solution, do you need (a) two similar metals or two different metals, and (b) 
should the solution contain an electrolyte or a non-electrolyte? 


2 When you have a cell producing electricity, does the less reactive metal 
form the positive pole or the negative pole? 

3 Did the copper/zinc cell give the same reading on the voltmeter as the 
copper/magnesium cell, or was it higher or lower? 


Investigation Can we put metals in an order of reactivity by making 
20.2 cells? 


œ You will need a voltmeter (0-3 V), wires, a beaker containing sodium 
sulphate solution, and pieces of copper, iron, lead, magnesium and zinc 
metals. 


Connect the copper to the positive terminal of the voltmeter and one of the 
other metals to the negative terminal. Dip both metals into the sodium 
sulphate solution and quickly take the highest reading of the voltage. 
Keeping copper as the positive pole, try the various other metals in turn as 
the negative pole. In each case record the highest reading on the voltmeter. 
æ Write down the metals in an order of decreasing voltage. 


Questions 1 What connection is there between the order that you have written down, 
and the order of reactivity of the various metals? 
2 Silver is a less reactive metal than copper. In a copper/silver cell, which 
metal would form the positive pole? 


20.3 Electricity which is supplied to your home is produced in power stations where heat 
Sources of from burning fuel, such as coal or oil, or from a nuclear reactor (13.7) converts water 
electricity into steam. The steam is used to turn a generator to produce electricity. In the same 
way the movement of the back wheel ofa bicycle can be used to make a dynamo rotate 
and produce electricity which can be used to operate the lights of the bicycle. 

Notall electricity which is used in everyday life is obtained from mechanical motion. 
For example, a torch and a transistor radio obtain the electricity they require from dry 
batteries. Also the lights of motor cars and the spark to ignite the petrol-air mixture in 
the engine are both dependent on the car’s battery. Unlike a dry battery, a car 
battery can be recharged. 

The operation of the dry battery and the car battery are both examples of electricity 
being obtained from chemical reactions rather than mechanical motion. 

The first recorded observation of the production of electricity by chemical reactions 
was by Luigi Galvani, an Italian scientist. In 1768 he was investigating the effect of 
atmospheric electricity, occurring during thunderstorms, on a frog’s legs which were 
suspended by a brass hook and connected to the ground by iron wires. He noticed that 
if the brass and iron wires were allowed to come into contact, the frog’s legs twitched in 
the same way as they did during a thunderstorm. Galvani thought this was due to the 
electricity stored in the dead animal. It was Alessandro Volta, another Italian, who first 
realised that the electricity was caused by chemical reactions involving the two metals. 

Volta repeated an experirhent of the Swiss scientist, Suzler. He had reported in 
1780 that if a piece of lead and a piece of silver are placed on either side of the tongue 
and then the free ends of the metal brought into contact an unpleasant pungent taste 
is produced. Volta experimented with different metals and came to the conclusion 
that to produce electricity two different metals had to be in contact with moisture and 
also with each other. He observed that some pairs of metals produced bigger effects 
than other pairs. Also, if several sets of the same pair of metals are connected in series 
either in a pile (Voltaic pile) or in a set of containers the effects can be increased. 

Volta’s pile was the first ever battery to produce a steady electric current. Its use led 
to the discovery of many chemical effects of electricity. For example, it enabled Sir 
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20.4 
Primary cells 


Humphry Davy to discover the metals sodi i 
mphr ) sodium and potassium by electrolysing molte; 
sodium hydroxide and molten potassium hydroxide. The first pile to be RETRA A 


the U.K. consisted of 36 silver coins inc di i 
ENTE Sa T D oins separated from 36 zinc discs by paper soaked in 


If two different metals are dipped into an electrolyte and the two metals brought into 
contact, a current of electricity (i.e. a stream of electrons) will flow through the 
external circuit, Such an arrangement is called a primary cell. The presence of the 
current can be detected by putting a suitable bulb in the external circuit. A measure 
of the push which makes the current flow can be obtained by placing a suitable 
voltmeter in the circuit, Fig. 20.1. 

Volta’s experiments with different metals enabled ‘him to arrange the metals in an 
order which is in fact similar to the reactivity series of the metals (17.9). He found that 
the further apart the metals were in his series, the greater the electrical effect. Thus the 
production of electricity by this method seems to depend on one metal being more 
reactive than the other. 

A comparison of the reactivities of the metals is a comparison of the tendencies of the 
metals to form ions. That is, in the example of zinc and copper, the tendencies for the 
following two reactions to occur: i 


Zn(s) > Zn*+(aq) + 2e- (1) 
Cu(s) > Cu*+(aq) + 2e- (2) f 


Zinc is more reactive than copper and so it would be expected that reaction (1) would 
occur more readily than (2). In the zinc-copper cell, with copper(II) sulphate as 
electrolyte, the zinc pole or terminal is negative with respect to the copper showing that 
it is supplying electrons to the external circuit. The flow of electrons around the 
external circuit can be explained by some of the zinc atoms from the zinc pole passing 
into solution as zinc ions and giving up electrons to the external circuit: 


Zn(s) > Zn*+(aq) + 2e- 
to the external 
circuit 

At the copper pole, electrons are removed from the external circuit by some copper 
ions in the solution being converted into copper atoms which are deposited on the 
copper pole: 

Cu*+(aq) ki 2e7 

from the 


external 
circuit 


—> Cu(s) 


The overall reaction, adding together the two separate electrode reactions is: 
Zn(s) + Cu*+(aq) > Zn*+(aq) + Cu(s) 
This is the reaction which occurs when zinc metal is placed in a solution of a 


copper(II) salt. Zinc, being the more reactive metal, displaces copper from the 
solution. 

When a cell produces electricity, electrons pass into the external circuit from the 
more reactive metal and are removed from the external circuit by the less reactive 
metal. 

It is important to realise that the reactions occurring at the two poles or terminals of 
a cell are producing electricity, unlike the electrode reactions occurring during 


electrolysis which are using electricity. 
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20.5 
Polarisation 


Fig. 20.2 Two forms of 
the zine-copper cell 
Zinc 


Zinc 
sulphate — 
solution 


Salt 


The voltage obtained from a simple cell tends to fall quite quickly owing to changes at 


“the surfaces of the poles. For example, a zinc pole dipping into copper(II) sulphate 


solution will become coated with copper due to the displacement reaction which 
occurs even when the cell is not producing electricity: 


Zn(s) + Cu?+(aq) > Cu(s) + Zn?+(aq) 


Also whenever hydrogen is produced at a pole the pole becomes coated with small 
bubbles of the gas, and this has the effect of changing the nature of the pole and hence 
the voltage obtained from the cell. These changes in the poles of a cell are called 
polarisation. It is necessary to mimimise polarisation if the efficiency of the cell 
is to be maintained. 

In the case of the zinc-copper cell, polarisation of the zinc pole can be stopped by 
separating the cell into two halves. This can be done by using two beakers connected 
by a ‘salt bridge’ made of a strip of filter paper soaked in potassium nitrate solution, 
Fig. 20.2(a). Alternatively, the two half-cells can be separated by a porous pot. This 
second method is used in the Daniell cell, Fig. 20.2(b), which will produce a fairly 
steady maximum voltage of about 1-1 volts for quite a long time. 


Copper 


Copper(II) 
sulphate 
solution 


Copper(II) 
sulphate 
solution 


Zinc sulphate 
solution 


bridge pot 


20.6 
Dry batteries 


The disadvantage of the Daniell cell is that it contains liquids. It is easy to imagine the 
problems associated with running a transistor radio from Daniell cells. The dry 
battery, although not entirely dry, does overcome the problems. Despite its very 
different appearance, the dry battery works on similar principles to the cells described 
so far. Fig. 20.3 shows the main parts of a normal dry battery. The zinc outer casing 
acts as one pole and is separated from the other pole by the electrolyte, which is a paste 
containing ammonium chloride. The second pole consists of a mixture of 
manganese (IV) oxide and carbon powder surrounding a carbon rod. 
The zinc is the negative terminal of the cell by acting as a supplier of electrons: 


Zn(s) > Zn?+(aq) + 2e- 


Contact is made with this terminal by pressing the bottom of the battery against a 
spring contact. 

The other pole of the cell must be responsible for using up electrons and it is the 
manganese(IV) oxide which does this. Carbon powder is there to improve the 
conductance of the pole, and the carbon rod is there as a means of connecting the pole 
to the external circuit. The reactions by which the manganese(IV) oxide uses up 
electrons are complex and not fully understood. The products seem to vary according 
to how much current is drawn from the cell. 

This cell produces about 1-5 or 1-6 volts. Dry batteries which produce larger voltages 
are made from similar materials, but with several cells arranged on top of one‘another 
rather like a Voltaic pile. 
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Fig. 20.3 A cross section 
of a dry battery 


Carbon rod with 
metal cap 


h 


Manganese(IV) oxide and 
carbon (positive pole) 


Ammonium chloride paste 
(electrolyte) 


Zinc outer 
casing 
(negative pole) 


The batteries used in motor cars are sometimes called accumulators or storage cells 
because, after being used to produce electricity, they can be recharged by passing 
electricity into them from another source. In a car the electricity for recharging the 
battery is obtained from a dynamo or alternator. Whenever a car’s engine is running, 
the fan belt which passes round a wheel on the end of the dynamo causes the dynamo to 
rotate and produce electricity. If the fan belt is too slack or the dynamo is faulty the 
battery will not be recharged and its voltage will decrease, and the battery will become 
‘flat’. One pole of the cell consists of a lead plate and’the other is a lead grid packed 
with lead(IV) oxide. The electrolyte is dilute sulphuric acid. 

Again the chemical reactions which occur are rather complex. The lead plate is the 
negative pole so this can be explained by: 

Pb(s) —> Pb*+(aq) + 2e- 
The lead(IV) oxide plate is the positive pole which uses up electrons and so could be 
explained by: 
PbO,(s) + 4H*+(aq) + 2e- > Pb*+(aq) + 2H,O(1) 
Thus both plates produce Pb?+ (aq) ions and become coated with lead (II) sulphate, a 
white solid: 
Pb*+(aq) + SO,- (aq) > PbSO,(s) 

When the current is passed into the cell during charging the positive pole beçomes 
coated with brown lead (IV) oxide, indicating that the reverse reactions are occurring. 

Thus passing electricity into the cell, i.e. electrolysis, converts the cell into a form 
which is able to produce electricity. This can be demonstrated in the laboratory by 
electrolysing a dilute solution of sulphuric aqid with lead plates as electrodes. When the 


positive plate has become coated with lead(IV) oxide, connect the plates to a 
voltmeter; the result shows that the cell is now able to produce electricity. 
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Fig. 20.4 A motor car 
Storage battery with part 
of the case cut away to 
‘show the lead plates. 
(Courtesy Chloride 
Automotive Batteries Ltd) 


20.8 


Corrosion 


Fig. 20.6 The corrosion 
of iron being speeded up 
by the presence of copper 


Fig. 20.5 Recharging the batteries of milk delivery vehicles at Chesterfield and l 
District Co-op. (Courtesy Westinghouse Brake and Signal Co Ltd) l 


Larger storage cells are used to supply all the power for vehicles such as milk floats 
and fork-lift trucks. The batteries are recharged by connecting them to a suitable 
supply of direct current while the vehicle is not in use. 


Most of the examples of corrosion which you may have noticed are likely to be due to 
the rusting of iron. However, the word corrosion can be used to describe the processes 
by which materials other than iron are eaten away. It can be used for the effect of 
air which has been polluted by acidic gases (such as sulphur dioxide) on stone 
buildings, or the conversion of the surface of copper, which is used for roofing on some 
buildings, into a greenish powder. Sometimes corrosion is useful. For example, a 
newly cut piece of aluminium corrodes to form a layer of aluminium oxide on its 
surface which then protects the aluminium from further attack. However, the rusting 
of iron is undoubtedly the most troublesome and expensive form of corrosion. 

In Chapter 9 it was noted that both air and moisture are required for rusting to 
occur. To obtain a deeper understanding of what is happening when an iron object 
rapidly corrodes it is necessary to apply some of the electrochemical ideas which have 
been discussed earlier in this chapter. 


Iron 


Copper 


Electrolyte 
(sea water) 
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20.9 


Protection of 


iron 


Fig. 20.7 (left 


) The 


corrosion of iron being 
speeded up by the presence 


of tin 


Fig. 20.8 (right) The 
corrosion of iron being 
slowed down by the 


presence of zinc 


Scratch full of 
electrolyte (dirty water) + 


Tron corrodes more rapidly than normal when it is in contact with copper metal. ` 
This is why it is unwise to use copper rivets when fixing sheets of iron together in ship- 
building, or to use iron nails when fixing copper sheets on roofs, Iron corrodes more 
rapidly because the conditions which are required for setting up a cell have been 
created. That is, there are two different metals, iron and copper, in contact with each 
other and also in contact with an electrolyte, ie. moisture or sea water. The 
arrangement can be represented in the laboratory as shown in F: ig. 20.6, 

The iron is the more reactive metal and therefore some of the iron atoms pass into 
solution as ions, leaving electrons on the piece of iron: 


Fe(s) > Fe®+(aq) + 2e- 


The iron is the negative pole of the cell and electrons pass through the iron to the 
copper where they are used to neutralise H+(aq) ions which are present in the 
electrolyte: 


2H*(aq) + 2e~ > H,(g) 


Whenever a cell is set up in which the iron is the more reactive metal, the iron will 
corrode more rapidly than usual. 

Cells also occur during the corrosion of a piece of iron which is not in contact with 
another metal. One part of the iron becomes a negative pole and another part a 
positive pole owing to slightly different conditions existing at the two parts. In the case 
ofan iron nail the head or the point, because they have suffered more stress, tend to be 
the negative regions and the stem of the nail the positive region. 

The Fe*+(aq) ions which pass into solution when iron corrodes react with OH~(aq) 
ions from the water to form a precipitate of iron(II) hydroxide: 


Fe*+(aq) + 20H-(aq) > Fe(OH),(s) 


This precipitate is rapidly oxidised by oxygen dissolved in the water to hydrated forms 
of iron(III) oxide, FesO3, which is the red-brown substance known as rust. 


The most obvious way of protecting iron is to cover it with paint, or another metal 
which is more resistant to corrosion. The metals used are tin and zinc, both of which 
form protective layers on their surfaces and are more resistant to corrosion than iron. 
The food containers known as tin cans are made from steel which has been plated with 
tin (19.11). The tin provides a protective outer covering. The disadvantage of using 
tin is that if it is scratched, so that the steel is exposed to moisture, a cell begins to 
operate. In this cell the iron is the more reactive metal and hence begins to corrode 
more rapidly than if the tin was not present. ; n 

Fig. 20.7 is a diagram ofa magnified scratch in the tin plate, showing that the iron 
acts as the negative pole in the cell by dissolving as Fe?+ (aq) ions and electrons pass 
through the iron to the tin. 


Scratch full of 
electrolyte (dirty water) 


Iron coated with zinc is called galvanised iron. This method of protection has the _ Chapter 21 chs -ARA . 
advantage that if the zinc is scratched and a cell begins to operate, the zinc is the more i p Oxidation a nd red ucti on reactions 
reactive metal and it is corroded in preference to the iron, Fig. 20.8. Galvanised iron i 
is used in the form of corrugated iron for the construction ofstorage buildings for farms i 
and factories. It is not used for food containers as solutions of zinc compounds are | 
poisonous. A SS 
The principle of the zinc-iron cell is used to protect buried pipes and the steel plates | 
of ships. Pieces of zinc, or better still magnesium which is even more reactive, are | 
fixed to the pipe or ship. This results in cells being created in which the zinc or the ~ Investigation How can we detect the presence of an oxidising agent? 
magnesium acts as the negative pole and is corroded in preference to the iron: 21.1 For a substance to be suitable as a test reagent for an oxidising agent, it 
Zn(s) > Zn®+(aq) + 2e- must give an observable reaction (such as a colour change), in a very short | 
i time, with oxidising agents. | 
Mg(s) > Mg?*(aq) + 2e- 1 
: s f% 6 r } œ Your teacher will supply you with several solutions, each of which may or | 
H* (aq) ions are neutralised at the iron pole of the cell. The zinc and the magnesium may not be an oxidising agent, and a solution which is known to be an 
are sometimes referred to as sacrificial anodes and the technique as anodic oxidising agent. : 
protection. ij 
i Take about 1cm? of a solution of potassium iodide, and add an equal | 
| volume of dilute sulphuric acid. 
Fig. 20.9 Zinc anodes | Now add a few drops of the oxidising agent and shake to mix. The | 
fixed to the hull of a ship l formation of a yellow-brown solution (or perhaps even a black precipitate) | 
to protect it from indicates that iodine has been liberated from the potassium iodide bv the 
corrosion below the æ oxidising agent. | 
waterline. (Courtesy AM | 
& S Europe Ltd) Questions 1 Write down the formula of an iodide ion and of an iodine molecule. Are | 
/ electrons added or removed when iodide ions are converted to iodine 
l molecules? 
2 Why is the liberation of iodine from potassium iodide oxidation? | 
œ Now use this test to find out which of the other solutions are oxidising 
æ agents. 
| 
i l 
| Investigation How can we detect the presence of a reducing agent? 
21.2 œ Your teacher will supply you with several solutions, each of which may or 
A may not be a reducing agent, and a solution which is known to be a reducing 
agent. 
Take about 1 cm? of the reducing agent in a test-tube. To it, add, drop by 
drop, about 4 drops of dilute potassium manganate(VI!) solution which has 
already been acidified with dilute sulphuric acid, and shake to mix. 
ae Decolouration of the potassium manganate(VII) solution—i.e. loss of its 
| purple colour— indicates the presence of a reducing agent. 
20.10 1. Two different m ipping i Es Now use this test to find out which of the other solutions are reducing 
o à etals dipping into an electrolyte can act as a source of electricity. æ agents. 
Summary 2. The more reactive metal is the negative pole of the cell. i 
3. The further apart the metals are in the reactivity series, the greater the voltage 
produced by the cell. 
4. Changes which occur on the surfaces of the poles of a cell (i.e. polarisation) can 
reduce the voltage of the cell. Trai E og a TN a T e a 
5. Accumulators or storage cells, unlike dry batteries, can be rech: in; i 
clean aap tham g! ry be arged by passing 2.3 ; You will have already met a large number of chemical reactions, and clearly there are 
6. The Cerner ot iron (rusting) is an electrochemical process. : ; Classification of many others. Chemists look for similarities between geago T peip ge 
7. A more reactive metal placed in contact with a piece of iron will corrode in reactions which are then often expressed as general rea s. p! 
preference to the iron and hence protect it from rusting. 
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Fig. 21.1 Some important 
oxidation-reduction 
processes (a) The rusting 
of iron such as has 
happened to the body of 
this motor car. (Photo: 
Russell Edwards, BSc) 
(b) Burning—illustrated 
in this photograph by a 
large fire in an empty 
department store. 
(Courtesy London Fire 
Brigade Photographic 
Servise) (c) The reaction 
between alcohol and 
crystals,in a breathalyser. 
The photograph shows a 
reconstruction of the scene 
when a driver is asked to 
blow into a breathalyser in 
order to provide an 
indication of the amount 
of alcohol he has 
consumed. (Courtesy of 
the Commissioner of 
Police of the Metropolis) 


(c) 


reaction or pattern which you have met is: 


acid + alkali > salt + water 


This statement tells you that you could expect a solution of any acid to react with a 
solution of any alkali to form a salt and water, 


eg. HCl(aq) + NaOH(aq) > NaCl{aq) + H,O(1) 


Thus the classification of reactions in this way helps you to understand, remember and 
predict chemical reactions. 

Another group of reactions can be classified as oxidation-reduction. Many 
important processes which occur in everyday life involve oxidation-reduction re- 
actions. Burning is an oxidation-reduction process, whether itis the controlled burning 
ofa fuel such as occurs in a motor-car engine, in a rocket engine heading for the Moon, 
or in a domestic fireplace; or the uncontrolled burning which occurs when a building 
or a forest is on fire. 

The rusting of iron, the corrosion of other metals, the production of electricity in a 
dry battery, and the use of electricity to produce important elements such as 
aluminium, chlorine and copper all involve chemical processes. Although at first 
glance these processes appear to be very different, they can all be classified as 
oxidation-reduction reactions. 
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21.5 
Oxidation and 
reduction 
together 


21.6 

Redox in terms 
of electron 
transfer 


As the name suggests, oxidation is used for reactions which involve the element oxygen. 
Whenever oxygen combines with another element, oxidation occurs and the element is 
said to have been oxidised, 


eg. 2Mg(s) + O(g) > 2MgO(s) 
The element which has been oxidised is sometimes indicated by an arrow as shown: 


Tay aay, 
2Mg(s) + O,(g) > 2MgO(s) 


The definition has been extended to include reactions in which elements combine with 
other non-metals, 


Us Lr EISE f 
e.g. Mg(s) + Cl,(g) > MgCl,(s) 


Oxidation also occurs when oxygen reacts with a compound, 


on 2H,S(g) + O,(g) > 2H,O(l) + 28(6) 


A similar reaction occurs when chlorine reacts with hydrogen sulphide: 


H,S(g) + Ch(g) > 2HCl(g) + Š() 


In these last two reactions hydrogen is removed from the compound and soit is usual to 
extend the definition of oxidation to include the removal of hydrogen from a 


« compound. 


The opposite of oxidation, that is, the removal of oxygen or another non-metal and 
the addition of hydrogen, is called reduction and indicated by an arrow as shown, 


eg. 2HgO(s) > 2Hg(l) + O,(g) 


N.(g) + 3Ha(g) > 2NH,(g) 


When carbon monoxide is used to reduce copper(II) oxide to copper, the carbon 
monoxide is itself oxidised to carbon dioxide: 


Niwas rarer t,o 
CuO(s) + CO(g) + Cu(s) + CO,(g) 


Oxidation and reduction always occur in the same reaction. It is only possible to 
oxidise one element if another element is being reduced. Because the two changes 
occur together the overall reaction is called a redox reaction. 

The substance which causes the oxidation (copper(II) oxide in the above example) 
is called the oxidising agent and that which causes the reduction (carbon monoxide) 


is called the reducing agent. 


The fundamental explanation as to why a lot of apparently different reactions can be 
classified as redox reactions is that the reactions, when they involve ionic substances, 


can all be explained in terms of transfer of electrons. ; 
For example, during the combination of magnesium with oxygen, 


2Mg(s) + O2(g) > 2MgO(s) 
neutral magnesium atoms are converted to positively charged magnesium ions by the 


removal of electrons: 
Mg > Mg?+ + 2e- 
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and the neutral oxygen molecules are converted to negatively charged oxide ions by 
gaining electrons: 
O, + 4e7 + 20% 


These two equations are called ionic half-equations and the overall equation for the 
reaction can be obtained by multiplying the first half-equation by 2 and adding it to 
the second so that all of the electrons which are removed from magnesium are gained 
by oxygen: 

2Mg > 2Mg*t + 4e- 


O, + 4e + 202- 
2Mg + O, — 2Mg?+O2- (or 2MgO) 


When magnesium reacts with another non-metal such as chlorine, it undergoes an 
identical change: 


Mg > Mg?+ + 2e- 
In this reaction the electrons are gained by the chlorine molecule to form chloride ions: 
Cl, + 2e- > 2CI- 


In both reactions electrons are removed from the metal (which according to the earlier 
definitions is being oxidised) and both non-metals gain electrons and are reduced, This 
leads to the wider definitions: 

Oxidation occurs when electrons are removed from an atom or ion. 

Reduction occurs when an atom or an ion gains electrons. 

Many of the reactions which you carry out or see during chemistry lessons are 
reactions between substances which have previously been dissolved in water. If these 
reactions involve transfer of electrons they can be classified as redox reactions. The 
following examples illustrate the wide applicability of this. 


Any reaction which converts neutral metal atoms into positively charged ions is a 
redox reaction as electrons have been removed from the metal atorns and gained by the 
other reactant, which is thus reduced. Examples of this type of redox reaction occur 
when the metals react with water, steam, acids, alkalis or solutions or other metal salts. 

Sodium reacts with water forming sodium hydroxide solution which» contains 
Na*(aq) and OH-(aq) ions and the water is reduced to hydrogen, 


2Na(s) + 2H,O(I) — 2NaOH(aq) + _H,(g) 
or 2Na(s) + 2H,O(l) > 2Na*(aq) + 2OH~(aq) + H,(g) 


When a metal is added to a solution of a salt of a less reactive metal (17.6) the more 
reactive metal is oxidised to its ions, 


Fe(s) — Fe®+(aq) + 2e- 
and the ions of the less reactive metal are reduced to form neutral atoms of the metal: 
Cu*+(aq) + 2e- + Cu(s) 
The overall reaction is, 
Fe(s) + Cut+(aq) > Fe*t(aq) + Cu(s) 
or Fe(s) + CuSO,(aq) > FeSO,(aq) + Cu(s) 


The metals which are higher in the reactivity series (17.9) are more easily oxidised 
and are therefore the more powerful reducing agents, Fig. 21.2. The ions of the metals 
which are lower in the series are more easily reduced and are therefore the more 
powerful oxidising agents. 
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reactivity series 


21.8 
Oxidation of 
metal ions 


21.9 
Reduction of 
non-metals 


Fig. 21.2 Oxidation and 
reduction in relation to the 


reactivity ease of power as a 
increases oxidation reducing agent 
increases increases 


Some metals can form more than one type of ion, e.g. iron(II), Fe?+, and iron(III), 
Fe*+. When ions of the lower oxidation state (i.e. smaller positive charge) are changed 
to ions of the higher oxidation state (i.e. higher positive charge), oxidation has 
occurred as the change involves the removal of electrons. For example, the oxidation of 
iron(II) ions to iron(III) ions: 

Fe®+(aq) > Fe*+(aq) + e- 
The substance which causes the oxidation is itself reduced by taking up the electrons: 
eg. Cl,(g) + 2e- —> 2Cl-(aq) 
The overall equation for the reaction is, 

2Fe*+(aq) + Cli(g) > 2Fe®+(aq) + 2Cl-(aq) 

or 2FeCl,(aq) + Cl,(g) —> 2FeCl,(aq) 
When iron(III) ions are changed to iron(II) ions reduction has taken place. 


When a non-metal is converted to its ions, 

e.g. Cl, + 2e7 > 20l- 

reduction has occurred because electrons have been taken up by the chlorine. This 
change occurs when a non-metal reacts with a metal, 

e.g. 2Na(s) + Cl,(g) > 2NaCl(s) 


Sodium atoms are oxidised to Na* ions during this reaction. 
A non-metal can also be reduced when it reacts with a solution containing the 
ions of a less reactive non-metal. For example, chlorine will displace bromine from a 


solution containing bromide ions: 
Cl,(g) + 2NaBr(aq) > 2NaCl(aq) + Br,(aq) 
In this reaction chlorine is reduced to chloride ions, 
Cl(g) + 2e- + 2Cl-(aq) 
and bromide ions are oxidised to bromine: 
2Br-(aq) —> Brg(aq) + 2e7 
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21.10 
Electrolysis 


21.11 
Oxidation 


numbers 


The overall ionic equation for the reaction is: 
Cl,(g) + 2Br-(aq) > 2CI-(aq) + Br,(aq) 


Chlorine is more easily reduced than bromine and hence it is a more powerful oxidising 
agent. 


The production of a metal during electrolysis involves the conversion of positively 
charged metal ions to neutral atoms of the metal. This change is brought about by the 
positive ions capturing electrons from the negative electrode (cathode), 19.8, 


e.g. Nat + e& —> Na 


This change is a reduction process as electrons are gained. 
At the positive electrode (anode) the usual change involves negatively charged ions 
giving up electrons to the electrode, 


eg. 2Cl- > Cl, + 2e- 


This change is an oxidation process as electrons are being removed from the ions. 
In all examples of electrolysis, oxidation occurs at the anode and reduction at the 
cathode and the overall change which occurs is a redox process. 


In the previous parts of this chapter you have seen how redox reactions can be 
considered as electron transfers, and how oxidation and reduction may be defined as 
loss or gain of electrons. Following from this we have a system by which we can give 
oxidation numbers to elements when they are combined with one another. This 
system was first invented by Johnson in 1880. It has the advantage that it provides a 
useful way of classifying compounds of an element which forms more than one type 
of ion, or different numbers of bonds in different compounds. In a simple ionic 
compound the oxidation numbers of the elements involved are just their ionic 
charges, 


e.g. sodium chloride (NaCl) is Na+Cl-, so sodium has oxidation number +1 and 
chlorine has oxidation number — 1; 


iron(II) chloride (FeCl,) is Fe?+(Cl-),, so iron has oxidation number +2 and 
. chlorine has oxidation number — 1; 


iron(III) oxide (Fe,O,) is (Fe*+).(O?-),, so iron has oxidation number +3 and 
oxygen has oxidation number —2. 


Note that the sum of the oxidation numbers in a compound is always zero, thus: 
sodium chloride +1-1=0 
iron(II) chloride aD ah CO 

iron(II) oxide +3 +3 —2 —2 —2 = 0 
It also follows that the oxidation number of a free (uncombined) element must be 
zero; thus the symbols Na, Fe, Cl, , O,, etc., represent free elements with oxidation 
number 0. 

When we consider covalent compounds rather than ionic, it is still possible to use 
oxidation numbers. However, it is necessary to think of the compounds as though 
they were ionic. If we suppose that oxygen is always O?- and hydrogen H+, we 
can give an oxidation number to other elements in the compound, e.g. sulphuric 
acid (H,SO,)—assume O?~ and H* so then we need S&* in order to give 
(H+) S+ (O?-),, so oxidation number of sulphur is +6. 

Nitric acid (HNO,)—assume O?~ and H* so then we need N5+ iri order to give 
H*N®* (O?~),, so oxidation number of nitrogen is +5. ; 
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21.12 
Classification 
and 
nomenclature 


21.13 
Tests for 
reducing agents 


21.14 

Oxidation 
numbers in 
redox equations 


Tron forms two series of compounds, one in which its oxidation number is +2 
(e.g. FeS, FeCl, , FeSO, ) and one in which it is +3 (e.g. Fe,0;, FeCl,, Feg(SO,)3). 
The method of naming (nomenclature) of these compounds distinguishes between 
them. Those in which the oxidation number is +2 are called iron(II) compounds, 
thus FeCl, is iron(II) chloride. Those in which it is +3 are called iron(III) 
compounds, therefore FeCl, is iron (III) chloride. Similarly, CuO is copper(I1) oxide 
and Cu,0O is copper(I) oxide. 


For a substance to be suitable for use ina test fora reducing agent, it must be easily and 
rapidly reduced and the reduction must be accom panied by an obvious colour change. 
Two particularly suitable reagents are an acidified solution of potassium 
manganate(VII), KMnO,, and an acidified solution pf potassium dichromate(V1), 
K,Cr,0,. A solution containing manganate(VII) ions, MnO,- (aq), is purple in colour 


and, when reduced, manganese(II) ions, Mn#*(aq),| are produced which form a 
colourless solution. 


A solution of an iron(II) salt—e.g. iron(II) sulphate—will decolourise an acidified 
solution of potassium manganate(VII) and is therefore a reducing agent. The iron(II) 
salt is oxidised to an iron(III) salt. 


A solution containing dichromate(VI) ions, Cr,0,?~(aq), is orange in colour and, 


when reduced, chromium(III) ions, Cr*+(aq), arè produced which form a green 
solution. 


A solution of a sulphite—e.g. sodium sulphite—will turn an acidified solution of 
potassium dichromate(VI) from orange to green and is therefore a reducing agent. 
The sulphite ions are oxidised to sulphate ions. 


When manganate (VII) ions (MnO, ~) are reduced, in acidic solution, they end up as 
Mn?* ions. We can-construct an ionic half-equation for this change as follows: 
First balance oxygen, using water molecules: 


MnO,” > Mn** + 4H,O0 
Now balance hydrogen, using hydrogen ions from the acid: 
8H* + MnO,” > Mn?* + 4H,O 

Finally balance the charge, using electrons: 
5e- + 8H* + MnO,” + Mn?* + 4H,O 


We end up with 5 electrons in the half-equation because the oxidation number of 
manganese has reduced from +7 to +2. 

Suppose we are using this reagent to oxidise an iron(II) compound to an iron(II) 
compound. The half-equation for this change is: 


Fe?+ + Fe?t + e7 


It only contains one electron because the oxidation number increases from +2 to +3, 
Multiplying this equation by 5 it becomes: 


5Fe?*+ — 5Fe5* + 5e 


Now it contains 5 electrons and when it is added to the manganate(VII) half- 
equation, the electrons ‘cancel out’: 


5Fe?t + 8H* + MnO, —45Fe®*+ + Mn?* + 4H,O 
Adding the states to this equation it becomes: 
5Fe?+ (aq) + 8H+ (aq) + MnO, (aq) > 5Fe** (aq) + Mn?* (aq) + 8H,O(1) 


This method can be used for balancing even the most complicated redox equations. 
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21.15 
Test for 
oxidising agents 


21.16 
Substances 
which are both 
oxidising and 
reducing agents 


21.17 
Summary 


An acidified solution of potassium iodide, which is colourless, is very easily oxidised ’to 
iodine which forms a yellow-brown solution (and perhaps a black precipitate). For ~ 
example hydrogen peroxide, in the presence of acid, turns potassium iodide solution to 
a yellow-brown colour and is therefore an oxidising agent. The half-equation for the 
reduction of hydrogen peroxide is: 


2H*(aq) + H,O,(aq) + 2e- > 2H,O(1) 


The oxidation number of iodine changes from — 1 to 0 and the half-equation for the 
oxidation of iodide ions is: 
2I-(aq) > I,(aq/s) + 2e- 


Adding these together directly gives: 
2H*(aq) + H,O,(aq) + 2I-(aq) > 2H,O(1) + Te(aq/s) 


For a substance to act as an oxidising agent it must be possible for it to be reduced to 
something. Similarly, for a substance to act as a reducing agent it must be possible for it 
to be oxidised to something. Some substances, under appropriate circumstances, are 
capable of taking part in both types of reaction. For example, an iron(II) salt in 
solution can be oxidised to an iron(IIT) salt—e.g. by manganate(VII) ions—and so act 
as a reducing agent. On another occasion an iron(II) salt can be reduced to iron 
metal—e.g. by zinc powder—and so act as an oxidising agent. 


reduction oxidation 
Fe(s) <———————_ Fe?*+(aq) -———————>_ Fe*+ (aq) 


oxidation 0 42 43 


number 


Hydrogen peroxide is best known as an oxidising agent, when it is reduced to water 
(see previous section). However, if hydrogen peroxide solution is mixed with acidified 
potassium manganate(VII) solution the latter is decolourised, showing that hydrogen 
peroxide can also act as a reducing agent. During the reaction effervescence occurs, the 
gas liberated being oxygen. In this reaction hydrogen peroxide is oxidised, by removal 
of hydrogen; in terms of a half-equation we have: ` 


H,O,(aq) > O,(g) + 2H*(aq) + 2e- 


These electrons are used to reduce the purple manganate(VII) ions to colourless 
manganese (II) ions and so decolourise the potassium manganate (VII). 


1. Oxidation can be defined as: 

(a) combination with oxygen or another non-metal 
(b) removal of hydrogen 
(c) removal of electrons 

Reduction is the reverse of oxidation. 

2. Oxidation and reduction always occur together in the same reaction and so it is 
called a redox reaction, 

3. The substance which causes the oxidation (and is itself reduced)’ is called the 
oxidising agent. The substance which causes the reduction (and is itself oxidised) is 
called the reducing agent. 

4, Oxidation numbers may be assigned to elements in compounds. These are useful for 
classifying compounds, and for helping to balance redox equations. 

5. An acidified solution of potassium manganate(VII) and an acidified solution of 
potassium dichromate(VI) can both be used to test for a reducing agent. 

6. An acidified solution of potassium iodide can be used to test for an oxidising agent. 

7. Some substances can act both as an oxidising agent-and a reducing agent. 
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Chapter 22 


What influences the stability of 
compounds? 


Investigation 
22.1 


Fig, 22.1 Correcting the 
temperature rise 
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A comparison of the energy changes which occur when 
different metals displace copper from copper(II) 


sulphate solution. 


You will need an insulated container such as a polystyrene beaker, a 
0-100°C thermometer, 0:5M copper(I!) sulphate solution, and zine, iron 
and magnesium powders. 


Using a measuring cylinder, transfer 20 cm? of copper(II) sulphate solution 
into the polystyrene beaker. Weigh out about 1 g of zinc powder and keep it 
ready for use. 

Holding the thermometer in the solution, take temperature measurements 
at 20 second intervals for about 2 minutes, then add the zinc powder all at 
once and keep recording the temperature at 20 second intervals, stirring with 
the thermometer between readings. Continue taking readings until the 
temperature has stopped rising, and is either constant or falling at a slow rate. 

Plot a graph of temperature versus time. It should have the approximate 
appearance of Fig. 22.1. 


Temperature/°C 


Time/sec 


if the reaction had occurred instantaneously and there had been no heat 
losses, the rise in temperature would have been greater. In order to obtain a 
reasonable measure of what it would have been (AT), extrapolate back from 
the curve as shown in Fig. 22.1. 

Using a fresh portion of copper(!!) sulphate solution repeat the 
experiment using the same mass of iron powder instead of zinc powder. 

Finally take another portion of copper(II) sulphate solution and dilute it 


Questions 


Investigation 


Question 
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with its own volume (20 cm) of water, then repeat the experiment using the 
same mass of magnesium powder. 


1 What, roughly, would the temperature rise have been for the magnesium 
reaction had we not diluted the reaction mixture with an extra portion of 
water? (Bear in mind that doubling the volume of water will roughly duubie 
the heat capacity of the liquid.) 

2 Compare the temperature rises (using the corrected value for mag- 
nesium) by placing them in order of decreasing size. What connection is 
there between these results and the metal reactivity series? 


A comparison of the energy changes which occur when 
acids and alkalis neutralise each other. 


You will need an insulated container such as a polystyrene beaker, a 
0—100°C thermometer, 2M solutions of hydrochloric acid, nitric acid, 
sodium hydroxide and potassium hydroxide, and 1M solution of sulphuric 
acid, 


Measure out 25 cm? of one of the acid solutions and transfer it to the 
polystyrene beaker. Then measure out 25 cm? of one of the alkali solutions 
and keep it in the cylinder for the present. 

Take the temperature of each solution separately. If they differ, take the 
average and use this as the starting temperature. 

Now pour the alkali all at once-into the acid, stir well, and record the 
highest reading reached on the thermometer. (The reaction is almost 
instantaneous so heat losses are negligible.) 

Repeat the experiment using other combinations of acid and alkali and 
compare the temperature rises obtained for the various combinations. 


Write an equation for the reaction which has occurred in each experiment. 
Attempt to convert each equation to the simplest ionic equation for the 
reaction. In what way do these ionic equations help to explain the similarities 
in the temperature rises? 


Making reactions go either way. 
Some reactions are reversible in the sense that if the conditions are changed 
in a particular way they can be made to go in the reverse direction. 


(a) Look at bottles of potassium chromate(VI) solution and potassium 
dichromate(VI) Solution. The yellow colour of the former is due to the 
presence of the chromate(VI) ion (CrO,?~(aq)), while the orange colour of 
the latter is due to the presence of the dichromate(VI) ion (Cr.0,2~(aq)). 

Take 2 cm? of potassium chromate(V!) solution in a test-tube and add an 
equal volume of dilute sulphuric acid. What is the colour now? See if you can 
get the colour to go back to the original one by adding sodium hydroxide 
solution. 

Now pour 2 cm? of potassium dichromate(VI) solution into a test-tube 
and add an equal volume of sodium hydroxide solution. What is the colour 
now? See if you can get the original colour back by adding dilute sulphuric 


@ acid. 
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1 What type of reagent causes conversion of chromate(VI) ions to 
dichromate(VI) ions? i 
2 What type of reagent causes conversion of dichromate(V1) ions to 


- chromate(VI) ions? 


3 Try and construct an ionic equation for the conversion of chromate (V1) 
ions to dichromate(VI) ions. Try and explain, in terms of this equation, how 
addition of alkali reverses the reaction. 


(b) Sodium sulphite solution contains sulphite ions (SO32-(aq)). Addition 
of acid causes the smell of sulphur dioxide (SO,) to appear, because of 
the formation of aqueous solution of sulphur dioxide which is volatile. 

Take about 2 cm? of sodium sulphite solution in a shallow dish; it should 
have no smell. Add a drop of litmus solution. 

Now add about 2 cm? of dilute hydrochloric acid, so that the litmus turns 
red. Now smell the solution cautiously; does it smell of sulphur dioxide? 

Now add sufficient sodium hydroxide solution that the litmus turns blue, 
and smell the solution again. Does it smell of sulphur dioxide now? 


4 isthe reaction reversible? 

5 Try and construct an ionic equation for the conversion of sulphite ions to 
aqueous sulphur dioxide. Try and explain, in terms of this equation, how 
addition of alkali reverses the reaction. 


How can a reversible reaction be made to go to 
completion? 

Investigation 22.3 shows that the reaction between sulphite ions and 
hydrogen ions is a reversible one.. That is, the aqueous solution of sulphur 
dioxide produced in the reaction may be converted back into sulphite ions 
by addition of alkali. The purpose of this experiment is to see whether we 
can make the reaction go to completion, so that it cannot be reversed again. 


First, pour about 2 cm? of sodium sulphite solution into a test-tube and add 
enough sodium hydroxide solution to make it alkaline (check with red litmus 
paper). Now add two drops of potassium manganate(VII) solution. The 
effect which you observe is due to the presence of sulphite ions in solution, 
the sulphite ion being a reducing agent. 

Now take a fresh portion of sodium sulphite solution in a shallow dish, and 
add about twice the volume of dilute sulphuric acid. 

Heat the dish on a tripod and gauze until the liquid boils and then let it boil 
gently. Hold a piece of moist blue litmus paper in the vapour above the hot 
liquid and note what happens. Continue boiling for one minute and then 
hold another piece of moist blue litmus paper in the vapour. 

Repeat this test, at one-minute intervals, until the vapour no longer turns 
litmus red. 

Now let the liquid cool a bit, then transfer about 2 cm? to a test-tube, Add 
enough sodium hydroxide solution to the test-tube to make the mixture 
alkaline (check with red litmus paper). Then add a couple of drops of 
potassium manganate(VII) solution and note what happens. 


1 Describe the effect which the briginal alkaline sodium sulphite solution 
had on potassium manganate(VIl) solution. 


a 


Energy changes 
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2 Did the alkaline solution left at the end of the experiment have this effect 
on potassium manganate(VIl) ? 

3 So did the final solution contain sulphite ions? 

4 What substance, present in the vapour above the hot liquid, caused the 
moist litmus paper to turn red? 

5 Explain clearly what effect boiling had on the reaction mixture. Did the 
reaction between sulphite ions and hydrogen ions go to completion under 
these conditions? 

6 What do you think would have happened in this experiment if sulphur 
dioxide were not a volatile substance? 


Chemical reactions are usually accompanied by a temperature change. Most often it is 
a rise in temperature, which means that as the reaction proceeds heat (i.e. energy) is 
given out. A reaction in which energy is released as heat is called an exothermic 
reaction. There is a small number of reactions which are accompanied by a drop in 
temperature, showing that heat is being absorbed. Such a reaction is called an 
endothermic reaction. 

Inan exothermic reaction between two elements, the amount of heat given out gives 
an indication of their readiness to combine. This can be linked to the reactivity of the 
elements concerned. For example, ifa mixture of powdered iron and sulphur is heated 
gently, a reaction starts in which the mixture glows red-hot as the iron and sulphur 
combine exothermically to form iron(II) sulphide (1.5). Once started, this reaction 
proceeds without further heating. On the other hand, it is extremely dangerous to heat 
a mixture of powdered magnesium and sulphur because the reaction, once started, is 
violently explosive. These observations indicate that magnesium has a much greater 
tendency to combine with sulphur than iron does, and that magnesium is more 
reactive than iron. 

Another example is that magnesium, once ignited, burns vigorously in air, giving 
outa lot of heat and light as it turns into its oxide. Copper, on the other hand, being a 
much less reactive metal, reacts gently with air on heating, forming a black coating of 
copper(II) oxide but without bursting into flame, 8.5. 


Magnesium oxide is formed more readily than copper(II) oxide, and more energy is 
released in the process. Therefore, we might expect it to be harder to get magnesium 
back from magnesium oxide than it is to get copper back from copper(II) oxide. This 
is found to be so. Magnesium oxide does not change when itis heated in hydrogen gas, 
whereas copper (II) oxide is easily reduced to copper by heating it in hydrogen. Once 
the reaction has started, it is exothermic: 


CuO(s) + H2(g) > Cu(s) + H,O(g) + energy 


This observation indicates that water is more stable than the copper(II) oxide. The 
reaction does not go in the reverse direction, that is, copper is not oxidised when heated 
in steam. 

What about magnesium then? If hydrogen will not reduce magnesium oxide, 
perhaps magnesium will reduce steam. It can easily be shown that it does (17.5). 
Magnesium ribbon, once ignited, will continue to burn vigorously in steam, giving out 
a lot of heat and light and liberating hydrogen: 


Mg(s) + 'H,O(g) > MgO(s) + H,(g) + energy 


This shows that magnesium oxide is more stable than steam. 
We can now say that the order of decreasing reactivity of the elements with oxygen is 
magnesium, hydrogen, copper, because: 
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Fig. 22.2 Reactivities of 


elements and stabilities of 


compounds 


22.7 
Thermal 
stability of 
compounds 


2Mg(s) + O,(g) —> 2MgO(s) + a great deal of energy 
2Ha(g) + O,(g) > 2H,O(g) + quite a lot of energy 
2Cu(s) + O(g) > 2CuO(s) + a bit of energy 


The stability of the resulting oxides decreases from magnesium oxide to water 
(hydrogen oxide) to copper(II) oxide. The relationship between reactivities of the 
elements and the stability of the compounds is summarised in Fig. 22.2. 
Observations such as those described above can be linked to the reac 
metals as described in 17.9 and to the suitabilit 
metals from their compounds (Chapter 24) 


tivity series of 
y of various methods of extracting 


Element Compound 
Mg MgO 
increasing increasin 
EA g 
reactivity Hy H,0 stability 
Cu CuO 
Metal oxides 


Although copper is a rather unreactive metal and its oxide is relatively unstable, it 
is not possible to obtain the metal by heating its oxide in a Bunsen flame. However, 
the oxide of mercury, which is an even less reactive metal, does decompose when 
heated in a Bunsen flame: 


2HgO(s) + 2Hg(1) + O,(g) 

Metal hydroxides ; 

It is rare for a compound to decompose into its elements, but metal hydroxides 
usually decompose into the metal oxide and water. The ease with which this occurs 
depends on the position of the metal in the reactivity series, 

Sodium is a very reactive metal and its hydroxide is stable at the temperature of a 
Bunsen flame. 

Calcium is slightly less reactive and its hydroxide is decomposed by very strong 
heat using a roaring Bunsen flame: 


Ca(OH),(s) + CaO(s) + H,O(g) 
about 
800°C 
Copper is very unreactive and its hydroxide is very easily decomposed. Copper 
hydroxide can be produced as a blue precipitate by adding sodium hydroxide 
solution to copper(II) sulphate solution. If the test-tube containing the suspension of 
copper(II) hydroxide is allowed tô stand in boiling water for a few minutes, the blue 
suspension turns to a black suspension of copper(II) oxide: 


Cu(OH).(s) — \CuO(s) + H,O(1) 
below 
100°C 
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Reactions in which one element displaces another are usually observed to go in the 
exothermic direction. The more reactive element displaces the less reactive one 
and the more stable compound is formed. For example, we have noted that magnesium 
burns exothermically in steam, whereas copper(II) oxide is reduced exothermically to 
copper by hydrogen gas and so the decreasing order of stability is MgO, H,O, CuO. 
Let us consider a metal whose reactivity is between that of magnesium and that of 
copper, namely iron. When iron is heated until it is red-hot in steam, it is oxidised to 
black magnetic iron oxide, and hydrogen is given off: 


3Fe(s) + 4H,O(g) > FesOq(s) + 4H2(g) 


However, if iron oxide is heated in a stream of hydrogen gas it is reduced to metallic 
npe FesO,(s) + 4Ha(g) > 3Fe(s) + 4H,0(g) 
The reaction is therefore reversible, because it can be made to go in either direction. 
The symbol = is used to indicate that the reaction is reversible: 

3Fe(s) + 4H,O(g) = FesO,(s) + 4H,(g) 
It could equally well be written as, 

Fe,O,(s) + 4H,(g) = 3Fe(s) + 4H,O(g) 


and this equation has the same meaning as the previous one. 


If some iron is heated in a closed flask containing steam, some of the iron is oxidised 
while some of the steam is reduced to hydrogen gas. After a while a state of balance is 
reached, in which all four substances—iron, steam, iron oxide and hydrogen—are 
present. The quantities of these four substances in the flask no longer change. This is 
called a state of equilibrium. The same state could have been arrived at by starting 
with a quantity of iron oxide heated in a closed flask containing hydrogen gas (see 
Fig. 22.3). 
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Fig. 22.4 Making a 
reversible reaction go to 
completion 


22.11 
Production of 


quicklime 


The state of balance exists because the rate of the forward reaction (say, iron with 
steam) is exactly equal to the rate of the backward reaction (iron oxide with 
hydrogen). This means that, whatever the quantities of each substance present at 
equilibrium, for every mole of iron which is oxidised by the forward reaction, another 
mole of ironis formed by the backward reaction. The reaction is said to be in a state of 
dynamic equilibrium because both the forward and backward reactions are still 
proceeding, but at equal rates. The phrase ‘static equilibrium’ would imply a state in 
which nothing was happening at all. 


The important point about reversible reactions is that they will, given the chance, 
come to a state of equilibrium in which all the substances involved are present in 
constant amounts. Many reactions which give commercially important products are 
reversible. Clearly it would be useful if these reactions could be made to go to 
completion rather than to the state of equilibrium. In many cases this is done by 
making itimpossible for the equilibrium to be reached by removing one of the products 
as it is formed. This means that the backward reaction cannot occur. 

This can be illustrated by heating iron in a flow of steam, Fig. 22.4. As the steam, 
flowing through the tube from the left, meets the hot iron the forward reaction starts to 
go and some steam is reduced to hydrogen. If this hydrogen remained in the reaction 
region, the backward reaction would begin to take effect until equilibrium was 
reached. But hydrogen does not remain in the reaction region, since, as soon as it is 
formed, it is swept away in the steam flow and out of the tube at the right. Therefore 
the backward reaction is prevented from occurring, and in time the oxidation of the 
iron proceeds to completion. The same kind of argument can be used to explain how 
iron oxide can be completely reduced by heating in a stream of hydrogen gas. The 
steam which is produced is swept away by the stream of hydrogen. 


Iron Hydrogen which is formed 
is swept away in steam flow 


Hydrogen and 
excess steam 


An example ofthe way in which these principles are put to practical use on a large scale 
is the manufacture of quicklime (calcium oxide) by the action of strong heat on 
limestone (calcium carbonate). The reaction in which calcium carbonate decomposes 
is reversible (this type of change is sometimes called dissociation) : 


CaCO,(s) = CaO(s) + CO,(g) 


Thus, ifcalcium carbonate were heated in a closed container, the dissociation would 
proceed only until a certain steady pressure of carbon dioxide built up. The reaction 
would then be in a balanced state and no further dissociation would seem to occur. 
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To convert the limestone completely to quicklime it is necessary to stop the backward 
reaction by removing the carbon dioxide as it is formed. The way in which this is done 
in the industrial process is explained in 29.3. 


Another example which illustrates these principles is the laboratory preparation of 
pure nitric acid. If potassium nitrate is mixed with concentrated sulphuric acid at 
room temperature, an equilibrium is set up in which both sulphuric and nitric acids are 
present: 


KNO,(s) + H,SO,(1) = KHSO,(s) + HNO,(I) 


Of the four substances involved in this equilibrium, nitric acid (HNO,) is by far the 
most volatile, having a boiling point of only 85°C. Therefore, if the mixture is warmed, 
nitric acid vaporizes. This has the effect of preventing the backward reaction by 
removing the nitric acid from the reaction region. Therefore the conversion of 
potassium nitrate to nitric acid can go to completion 34.5. 

A more extreme example of this is observed if concentrated sulphuric acid is 
dropped on to potassium chloride. There is an immediate effervescence as hydrogen 
chloride (HCl) gas is given off. The reaction is really a reversible one: 


KCI(s) + H,SO,(1) = KHSO,(s) + HCl(g) 


However, since hydrogen chloride is a gas at room temperature, it immediately 
escapes from the reaction region as soon as it is formed and the reaction goes to 
completion without any warming being necessary 25.6. 


In the previous section we have noted that some reactions are reversible, and that these 
reactions will, if given the chance, come to a state of equilibrium in which the 
quantities of reactants and products remain constant. We could then define the 
position of equilibrium by stating what actual quantities of the various substances 
are present. 

We can then ask the question: If the conditions, temperature, pressure or 
concentrations are changed, will the position of equilibrium alter? 

When a reaction is in a state of equilibrium and the conditions are changed, on 
many occasions the equilibrium will be disturbed. The reaction will move in either 
the forward or the backward direction until a new position of equilibrium is reached. 
The quantities of the various substances present at this new equilibrium will be 
different from those present when the reaction was first at equilibrium. Particularly 
when a reversible reaction is to be used in an industrial process, it would be very useful 
to be able to predict the likely effect of changing the conditions. 


The way in which changing the concentrations of substances affects the position of 
equilibrium is most easily investigated by considering reversible reactions which occur 
in aqueous solution. Bismuth(III) chloride (BiCl,), for example, forms a clear solution 
in concentrated hydrochloric acid. On adding water to the solution a white precipitate 
of bismuth oxychloride (BiOCl) is formed. If some more concentrated hydrochloric 
acid is added to the suspension, the precipitate dissolves and a clear solution is formed: 


addition of water 


BiCl, BiOCI 
clear addition of conc. white’ 
solution HCl precipitate 
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_Effect of changes 


in temperature 
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Fig. 22.5 Variation in 
the pressure of water 
vapour with temperature 


This reversible reaction can be represented by the equation: 
BiCl,(aq) + H,O(1) = BiOCI(s) + 2HCI(aq) 


On adding more water to the solution the white precipitate is formed once again. The 
precipitate can be dissolved and reprecipitated several times in this way. 

The observations indicate that adding water drives the position of equilibrium to the 
right, so forming more precipitate, whereas adding concentrated hydrochloric acid 
drives the equilibrium to the left. It thus appears that if, when a reaction is at 
equilibrium, the concentration pf one substance is increased, the position of 
equilibrium moves so as to decreage the concentration of that substance. 

Overall it appears that a chemical equilibrium will tend to move in the direction 
which opposes any changes in the concentrations of the substances present in the 
equilibrium mixture. 

This agrees with the observation, which was discussed earlier, that, when one of the 
products of a reversible reaction is removed as it is formed, the reaction will go to 
completion. 


Before considering the effect which changing the temperature or pressure has on a 
chemical equilibrium, it is easier to consider a familiar physical process, namely the 
boiling of water. 

Water, at any temperature, has a tendency to evaporate, and it is only necessary to 
leave a saucer of water in a room for a day or two to observe this. If water is kept in a 
closed container such as a stoppered bottle, it does not evaporate as the vapour cannot 
escape. An equilibrium state is reached in which the space above the water in the bottle 
is saturated with water vapour. The water is said to be exerting its saturated (or 
equilibrium) vapour pressure. As with chemical equilibria, this is a dynamic 
equilibrium since the whole time molecules of water are moving from liquid to vapour 
and from vapour to liquid. The two rates are equal, so the movement in one direction is 
equal to the movement in the other. 

The saturated vapour pressure depends strongly on temperature, as shown in Fig. 
22.5. As the temperature rises, the vapour pressure rises, until at 100°C it has the value 
of 760 mmHg (1 x 10° Pa) which is the same as standard atmospheric pressure. If the 
atmospheric pressure is at this normal value, the water will boil at 100°C, 


760 mmHg 
or 1.x 108 Pa 


Vapour pressure of water/mmHg or /Pa 


oc 100°C 
273K 373K 


Temperature/°C or /K 
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Fig. 22.6 The effect of 
temperature and pressure 
changes on the water-steam 
equilibrium 


Two situations where the atmospheric pressure is not normal are worth men- 
tioning. First, as any cook knows, food can be cooked more rapidly in a- pressure 
cooker. This is a closed pan with a valve on the top which allows the steam pressure 
from the water inside to build up to about twice normal atmospheric pressure. It can 
be seen by referring to Fig. 22.5 that at this higher pressure the boiling point of water 
will be higher than 100°C; in fact about 120°C. This increase in the temperature 
causes a great increase in the rate of the reactions involved in the cooking process and 
so the food cooks in a shorter time. 

Secondly, mountaineers know thatat high altitude itis difficult to make a good cupof 
tea or to boil an egg. The reason for this is that at high altitude the atmospheric 
pressure is less than 760 mmHg (1 x 10° Pa). Consequently the boiling point of 
water (Fig. 22.5) is below 100°C. At this lower temperature the chemical processes 
involved in the brewing of tea or the boiling ofan egg occur so slowly that the end result 
is not very satisfactory. Hence mountaineers prefer coffee and baked beans. 

The above evidence indicates that the boiling of water is favoured by (a) high 
temperature and (b) low pressure. The reversible physical process involved in boiling 
and condensation can be represented by the equation: 


H,O(l) = H,O(g) 


The forward process (left to right) is endothermic, that is, heat must be supplied to 
make water boil. The reverse process is exothermic, that is, heat is given out when 
steam condenses (which is why a scald from steam is much worse than one from hot 
water), Thus the endothermic process (boiling) is favoured by a high temperature and 
the exothermic process (condensation) is favoured by a low temperature. 

The forward process is also accompanied by a large increase in volume, since a 
liquid is changing into a gas. The reverse process involves a large reduction in volume. 
As illustrated’earlier a low pressure favours boiling and a high pressure (which tends to 
make things contract) favours condensation. Fig. 22.6 summarises this discussion. 

The principles illustrated here are found to apply to all reversible processes, 
whether they involve physical or chemical changes. However, the volume change is 
very slight when the reaction involves only solids and liquids, or when the number of 
molecules of gases on each side of the equation is the same. In these examples changes 
in pressure will have very little effect on the position of equilibrium. 


(favoured by a high T) 


absorption of heat 
Po E Tae ra pe ree: JN ce 


increase in volume 
(favoured by a low P) 


The general result was first set down in 1888 by the French scientist, Le Chatelier. 
He stated his principle in roughly the following words: 

If a reaction is at equilibrium and one of the conditions is changed, the 
position of equilibrium will shift in such a way that the effect of the change 
tends to be 


Let us see how this principle works in the case of a simple chemical equilibrium. A 
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i Haber Process 


good example is provided by the gas which is given off when concentrated nitric acid 
reacts with copper. This is a brown gas which, under normal conditions, consists ofa 
mixture of NO, molecules and NO, molecules in dynamic equilibrium: 


2NO,(g) = N,O,(g) 


It is only the NO, molecules which cause the brown colour; the N,O, molecules do not 
contribute to the colour. ; Bish 

The reaction as written above (reading from left to right) involves the combination 
of two molecules to form one molecule. This means that the forward reaction is 
exothermic, since new chemical bonds are being formed. Also, the forward reaction 
involves a decrease in volume, since the number of gaseous molecules is being halved 
(see Avogadro’s Law, 5.6). By applying Le Chatelier’s principle, what can we predict 
about the effect that changing the conditions of temperature and pressure will have 
on this equilibrium? 5 1 

If we supply heat to the equilibrium mixture and so increase the temperature, a 
the position of equilibrium will shift in the direction in which heat is absorbed. This 
means that the net reaction will occur in the DN direction so that the proportion 

ules increases (and the colour darkens). 

gee ‘one hand, if the arte is at equilibrium and we increase the pressure, 
the position of equilibrium will shift in the direction which tends to oppose the rise in 
pressure, so that it moves to the right and the proportion of N,O, molecules increases 
(and the colour fades). ir Re 

The reaction described above is not ofany great practical importance but itisa “bead 
useful example for illustrating the principles involved. The important point is the 
principles apply to all reactions involving gases and significant changes in vo! umge 
Two such reactions which are used in the chemical industry to produce the essentia 
substances, ammonia and sulphuric acid, are described in the following sections. 


i i i i d'in 33.8, it is 
Haber Process (33.9) is used for producing ammonia. As discussed ‘in 33.8, 
Aa aa essential a in the nitrogen cycle which is so vital for the production of the 
world’s food supply. The chemical principles involved in using the method are dealt 
with in this chapter. The reaction used in the industrial process is reversible: 


N,(g) + 3H2(g) = 2NHj(g) 


ion is exothermic and, according to Avogadro’s Law, as the 
Raa Bienes decreasing there will be a reduction in volume. The situation is 
therefore similar to the NO,-N,O, example discussed above. The forward ecco is 
favoured by a high pressure (since the position of equilibrium will move to the right a 
order to try to decrease the pressure) and a low temperature (since the Legian o! 
uilibrium will move to the right and so tend to increase the temperature). Now t Ge 
ia ditions are fairly easy to arrange, but the low temperature presents a problem. y 
oa a low temperature we can get a very favourable position of equilibrium, but the 
eee is that at a low temperature the rate of reaction is low. be hag 
Obviously the manufacturer wishes to produce ammonia at a Peri crate, 
would be no good arranging the temperature to give a 99 % yield if the reaction was 
ing to take 10 years to approach equilibrium and obtain such a yield. A compromise 
ee chieved, such that the temperature is high enough to give a reasonable rate of 
PE B t not $0 high that the positionof equilibrium is too unfavourable. 
T Feed ith this sort of problem, an industrial chemist usually searches for a catalyst 
he 1 talyst is a substance which speeds up a chemical reaction without being 
ae at Note that it can only speed up the attainment of equilibrium; it cannot 


ne i ae of equilibrium. It turns out that iron, in a suitably treated form, acts 
E AEI for the reaction between nitrogen and hydrogen. A 
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Fig, 22.7 The control 
panel which monitors and 
controls the conditions in 
an ammonia plant. 
(Courtesy ICI Ltd 
Agricultural Division ) 


Measurement of 
heat changes 


When selecting a pressure to be use 
taken into consideration are the higher capital costs ( 


for stronger reaction vessels etc.) 
and higher running costs (for more power to run co 


mpressors), 


Tt is up to the chemical en 
in the production of ammonia at such a rate 
can sell it at a price which is acce 
manufacturer to make a profit. 


Typical operating conditions for the Haber Process involve a pressure of about 200 
atmospheres and a temperature of about 500 °C, with an iron catalyst to speed up the 
reaction. Under these conditions the proportion of the reaction mixture which, as it 
Passes through the reaction vessel, is converted to ammonia is about 15%. The plant is 
therefore designed as a continuous flow system, with the ammonia being removed from 
reaction vessel, and unchanged nitrogen 
ycled. The ammonia is removed from the 
o a liquid. This is tapped off and stored 
ported under pressure in specially designed 


, and at such a cost, that the manufacturer 
ptable to the consumer but which still enables the 


the reaction mixture as it emerges from the 
and hydrogen are not wasted as they are rec 
mixture by cooling, so that it condenses t 
under pressure. Liquid ammonia is trans 
road and rail tankers. 


phuric acid is the oxidation of 
n again involves gases and is 


The most important stage in the manufacture of sul 


sulphur dioxide to sulphur trioxide. The reactio 
reversible: 


2SO,(g) + O,(g) = 280,(g) 


Like the Haber Process it is exothermic and, since the number of gaseous molecules 
decreases in the forward reaction, it involv 


pa es a reduction in volume. Consequently the 
conditions fora favourable position of equilibrium are again low temperature and high 
pressure, 2 


In the early sections of this chapter the energy changes in reactions between two 
elements were used to provide an indication of the tendency of the elements to react 
together. This also provided an indication of the likely stability of the compound 


which had been formed. This section deals with how energy changes can be measured 
in a more precise manner. 3 
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d for the reaction the other factors which must be — 


igineer to decide upon a set of conditions which will result 


Fig. 22.8 (a) An 
exothermic reaction f 
(b) An endothermic reaction 


Units 

The heat change associated with a chemical reaction is the easiest form of energy 
change to measure. The old unit for measuring a quantity of heat was the calorie, 
defined as the heat required to raise 1 gram of water through 1 degree Celsius. 
Nowadays, however, energy in all its forms—whether it be heat, or mechanical work, 
or whatever—is measured in Joules (J). 

The Joule is defined as the work done when a force of 1 Newton moves its point of 
application through a distance of 1 metre. 4:2 J are required to raise 1 g of water 
through 1°C (thus | calorie = 4-2 J). Another way of expressing this is to say that the 
specific heat capacity of water is 4-2J g~!°C™}. The heat changes during chemical 
reactions are often rather large, and it is convenient to use the kiloJoule (kJ), which is 
equal to 1000J. : 

The actual quantity of heat associated with a particular reaction clearly will depend 
on the quantities of substances used, For example, if 100 kJ are given out when 4 g of 
magnesium are burned, 200 kJ will be given out when 8 g of magnesium are burned, 
So we need to specify the quantity of matter, and for the chemist the most fundamental 
measurement of quantity of a substance is the mole. Thus heat changes in chemical 
reactions are expressed in kJ per mole, usually written as kJ mol~!, j N 

Finally we need a way of indicating whether the heat is being given out 
(exothermic reaction) or absorbed (endothermic reaction). The symbol used to mean 
heat change is AH. The number (of kJ mol~'’) is then given a sign (+ or —) which 
indicates whether the system (i.e. the reacting mixture) is gaining or losing energy. 
Thus the statement, 


C(s) + Ox(g) > CO,(g) AH = —394 kJ mol"! 


means that when 1 mole of carbon combines with 1 mole of oxygen molecules to give | 
mole of carbon dioxide molecules, the heat change which occurs is negative 394 kJ. 
Therefore, the reacting substances are losing 394 kJ. This means that 394 kJ are 
being given out to the surroundings, and the reaction is exothermic. 


Products 
ts 
Reactan' ee 

content of 
atts of substances 
substances 

Products Reactants 
(a) (b) 


We have no means of knowing the actual energy content of substances and so all we 
are able to do is to measure the heat changes when the reactants change to the 
products. In an exothermic reaction the products contain less energy than the 
reactants. Therefore the change can be repréented by an energy level diagram such - 
Fig. 22.8(a). This shows AH for the reaction as being negative, representing the 
difference between the energy content of the reactants and products. seas 

The products of an endothermic reaction contain more energy than the gage 
Therefore AH is given a positive sign and the change can be represented by the 
energy level diagram shown in Fig. 22.8(b). 
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Calorimetry 

Calorimetry is the technique by which heat changes in reactions are measured. The 
important practical point, however, is that what we actually measure directly is not 
heat, but a temperature change. This means a little calculation is required to convert 
the temperature change into a quantity of heat. 

If we consider the more common example, an exothermic reaction, there are two 
ways in which we can measure the heat given out. We can either allow all the heat to be 
conducted away from the reaction mixture and record the temperature increase of the 
surroundings. Alternatively, we can prevent any of the heat escaping to the 
surroundings and record the temperature rise of the reaction mixture itself. 

In order to illustrate how a temperature rise is converted to a quantity of heat, let 
us consider the reaction between zinc and copper(II) sulphate solution as studied 
in Investigation 22.1. The reaction, which is carried out in an insulated container, 
1s, 


Zn(s) + CuSO,(aq) —> ZnSO,(aq) + Cu(s) 
or Zn(s) + Cu®+(aq) —> Zn*+(aq) + Cu(s) 


The equation indicates that 1 mole of zinc displaces 1 mole of copper. In the 
experiment 20 cm® of 0.5 M CuSO, solution, were ‘used. This solution contains 


0 
05 x i = 0-01 mol of CuSO,. 


About 1 g of zinc (relative atomic mass 65) was used, and this is about 


5 = 0-015 mol of Zn. 

The zinc is therefore in excess, and, when all the copper(II) sulphate has reacted, there 
will be some zinc left. (If you did this experiment you should have observed that the 
blue colour of the original solution, which is due to Cu*+ (aq) ions, disappears entirely.) 

So, when all of the Cu?+ (aq) ions have reacted, 0-01 mol of Zn(s) will have reacted 
with 0-01 mol of Cu*+(aq). Let us suppose that this reaction causes a temperature rise 
of 26°C. Because the reaction was carried out in an insulated beaker, the heat which 
was produced by the reaction has been used to raise the temperature of the contents of 
the beaker through 26°C. 

At this stage, for the purpose of this experiment, we use an approximation. Since the 
solution is dilute we will take its specific heat capacity as being the same as that of pure 
water, that is, 4-2 J g-!°C-1. 20 cm? of solution were used, so this corresponds to a heat 
capacity of 4-2 x 20 = 84 J °C". 

If the temperature rise was 26°C then the actual quantity of heat produced was 


84 x 26 = 2180J 
= 2:18 kJ 


This quantity of heat was produced by 0-01 mol of each reactant reacting together, so 
the quantity of heat produced by | mol would be 


2:18 x 100 = 218 kJ 


Finally, as the reaction is exothermic, AH is negative and the total change can be 
represented by: 


Zn(s) + CuSO,(aq) > ZnSO,(aq) + Cu(s) AH = —218 kJ mol- 
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The heat of combustion ofa substance is defined as the heat change when | mole of that 
substance is completely burned in oxygen, and is expressed in kJ mol-1, Thus the 
statement in a previous section regarding the combination of carbon with oxygen, 


C(s) + O,(g) + CO,(g) AH = —394kJ mol 


tells us that the heat of combustion of carbon is — 394 kJ mol-!. 

The statement that the heat of combustion of methane (CH4) is — 890 kJ mol 
means that when | mole of methane is completely burned in oxygen, 890 kJ are 
produced, that is: 


CH,(g) + 20,(g) > CO,(g) + 2H,O(1) AH = —890 kJ mol- 
Similarly, the heat of combustion of octane (CyHj,) is — 5512 kJ mol-1, meaning: 
C,Hy(l) + 1240,(g¢) > 8CO,(g) + 9H,O(1) AH = —5512 kJ mol- 


Clearly heats of combustion are important when studying the components of fuels 
such as methane and octane. The values can be used to determine the quantity of heat 
produced by any particular amount of the fuel. They are also important in the study of 
most organic compounds, as the heat of combustion for most compounds is the easiest 
heat change associated with that compound to measure. They can be used along with 
other data to determine other characteristics of compounds such as their likely 
stability. 


Heats of neutralisation provide a good illustration of how the measurement of heat 
changes can be used to find out more about what is happening when reactions occur. 

If you carried out Investigation 22.2 you may have found that the observed 
temperature rise, when equal volumes of solutions of acids and alkalis of equal 
concentrations were mixed, seemed to be about the same whichever acid or alkali was 
used. At first this might seem a remarkable coincidence. For example, the reactions, 


NaOH(aq) + HCl(aq) —> NaCl(aq) + H,O(1) 
and KOH(aq) + HNO,(aq) > KNO,(aq) + H,O(1) 
would seem to have little in common except for both being acid-alkali reactions. 


However, the fact that they have the same heat change associated with them suggests 
that they must be very similar. 

If we consider the reactions from the ionic viewpoint, it is possible to suggest an 
explanation for these observations. Sodium hydroxide and potassium hydroxide are 
both strong alkalis, that is, when they are in dilute solutions they exist entirely as 
separate ions. Similarly, hydrochloric acid and nitric acid are both strong acids and 
are fully ionised in dilute solutions. Also sodium chloride and potassium nitrate 
are both salts and therefore exist as separate ions in solution. If we rewrite the 
equations with these facts in mind, we obtain, respectively, 


Nat(aq) + OH-(aq) + H*(aq) + Cl-(aq) > Nat(aq) + Cl-(aq) + H,O(1) 
and 
K+(aq) + OH-(aq) + Ht(aq) + NOg(aq) > K+t(aq) + NOg(aq) + H,O(1) 


Ignoring ions which appear on both sides of the equation (spectator ions, which do not 
take part in the reaction) we obtain for both reactions the simplified equation: 


H+(aq) + OH" (aq) > H,O(1) 
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observing the results of the same process in both cases. 

Heat of neutralisation is defined as the heat change which occurs when a dilute 
solution of an acid containing | mole of H*(aq) ions is neutralised by a dilute solution 
of an alkali. It can be calculated from typical experimental results in the following 
way. 

When 25 cm? of 2M hydrochloric acid and 25 cm? of 2M sodium hydroxide solution 
are reacted together in an insulated container the temperature rise is about 13°C. The 
total volume of solution which is raised through this temperature is 50 cm3, We 


assume that as the solution is dilute its specific heat capacity is that of pure water; 
ie Pag tis Cita 


The heat produced in the reaction is 42 x 50 x 13 = 2730J 
= 2-73 kJ 
25 cm? of 2M acid contains 2x iia = 0:05 mol of H+(aq) ions. 


Similarly the alkali solution contains 0-05 mol of OH-(aq) ions. 
The reaction which produced 2:73 kJ was: 
0-05 mol of H+(aq) + 0-05 mol of OH-(aq) > 0-05 mol of H,O(1) 


If 1 mole of each reagent had been used the heat change would have been 20 times 
greater, which is 2-73 x 20 = 55 kJ. 


The accepted value for the. heat of neutralisation derived by very careful 
experimental work is —57 kJ mol-1. 


H*(aq) + OH-(aq) > H,O(1) AH = —57 kJ mol" 


The negative sign is used to indicate that the reaction is exothermic. 


1. In chemical reactions energy is often given out as heat and such reactions are 
called exothermic. When heat is absorbed during a reaction it is called 
endothermic. The more reactive an element is, the more energy is given out when 
it forms a compound with another element, and the harder it is to get the element 
back out of the compound. 


2. When one element displaces another the reaction generally goes in the exothermic 


direction, so that the more reactive element displaces the less reactive one. Thus 
the more stable compound is formed at the expense of the less stable one. 


3. Very few compounds can be decomposed to their elements at Bunsen temperature, 


but many compounds will undergo partial decomposition. The most stable 
hydroxides, carbonates and nitrates are those of the most reactive metals, The 
compounds of the less reactive metals require less energy to decompose them. 


4. Some reactions are reversible. If given a chance they come to a state of dynamic 


equilibrium, but by arranging for one of the products to escape they may be driven 
to completion in that direction. 


5. In a reversible reaction the Position of equilibrium is generally affected by 


temperature, pressure and, where solutions are involved, concentrations. Le 
Chatelier’s Principle enables us to predict the direction of the effect, which is 
important in many industrial processes. 


6. Heat changes in chemical-eactions may be measured using calorimetry. They are 


expressed in kJ mol- and given the symbol AH. The sign of AH is negative for an 
exothermic reaction and positive for an endothermic reaction. 


. Theheatofneutralisation ofany strong acid by any strong alkaliis virtually thesame. 


This is all that actually happens when we mix an acid and an alkali. Therefore itis less 
surprising that the two reactions give the same temperature rise as we are in fact — 


Chapter 23 


What influences the rate of chemical 
reactions? 


Investigation 


Questions 


Questions 


Do reactions of similar kinds proceed at similar rates? 


(a) Pour barium chloride solution into a test-tube to a depth of about 
2 cm. Then pour an equal volume of lead (I!) nitrate solution into a second 
test-tube and an equal volume of calcium chloride solution into a third. 

To each test-tube, add an equal volume of dilute sulphuric acid. Observe 

@ and compare the results, allowing a few minutes if necessary, 


1 What kind of reaction is occurring in all three of the experiments? 
2 Which of these reactions occurs at an untypical rate for this kind of 
reaction? 


œ (b) Pour dilute potassium manganate(Vii) solution (previously acidified with 
dilute sulphuric acid) into each of three test-tubes to a depth of about 2 cm. 
To the first test-tube add an equal volume of sodium sulphite solution. To 
the second add an equal volume of sodium thiosulphate solution. To the 
third add an equal volume of sodium ethanedioate (sodium oxalate) 
solution. 

æ Observe and compare the results, allowing a few minutes if necessary. 


3 What kind of reaction is occurring in all three experiments? 
4 Which of these three reactions occurs at an untypical rate for this kind of 
reaction? 


How does the rate of the reaction of magnesium with a 
dilute solution of an acid vary with time? 


A suitable apparatus to use for this investigation is shown in Fig. 23.1, but if 
gas syringes are not available an apparatus involving measuring the volume 
of hydrogen by displacement of water can be used. 


Hydrogen 


Water 


Dilute 


hydrochloric 


Magnesium ribbon 
acid 
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Questions 


Put 25 cm? of 0:25M hydrochloric acid into the flask. Drop the magnesium 
into the acid, replace the stopper and start the clock. Record the gas volume 
every 30 seconds. Shake the flask very gently to keep the contents evenly 
mixed. 
When the experiment is finished, plot a graph showing volume (vertically) 
æ against time (horizontally). 


Why is the reaction flask surrounded by water? 

Why does the reaction eventually come almost to a stop? 

Which reactant is in excess in this experiment? 

When is the rate of reaction greatest? 

What is a possible explanation for the rate varying in the way that it does? 


APUN 


What factors affect the rate of reaction of magnesium 
with dilute acid? 

œ You will need the same apparatus as for Investigation 23.2. In each part of 
the investigation you will vary one factor only, keeping the other conditions 
constant. 


(a) Concentration of the acid 

Repeat the procedure used in Investigation 23.2 three times. In each 
experiment add the same volume of acid solution but use three different 
concentrations (say 1M, 0:5M and 0:25M). Use only 5 cm of magnesium 
ribbon in each experiment. 

In each case, after the reaction has been started, take readings of the gas 
volume every 30 seconds. Stop when all the magnesium has reacted, or after 
10 minutes, whichever is sooner. 

For each set of results plot a graph showing volume against time. Then 
draw, as accurately as you can, a tangent to each curve at the origin (see Fig. 
23:5). 

Use each tangent to work out what volume of gas would have been 
produced in 1 minute, if the rate of reaction had remained the same as at the 
start of each experiment. These values are called initial rates. 

æ Compare the results obtained using the different acid concentrations. 


1 Why is it better, in this type of experiment, to compare the initial rates 
rather than rates at any other stage of the reactions? 

2 What happens to the rate of reaction as the concentration of acid 
increases? 


œ (b) Temperature 
In each experiment use 5 cm of magnesium ribbon and 25 cm? of 0:25M 


hydrochloric acid, and by following the procedure obtain sets of results for 


various temperatures. \ 

Before starting the reaction, warm both the hydrochloric acid and the tap 
water surrounding the flask to about the required temperature (say 30°C or 
40°C or 50°C). 


After the acid flask has been standing in the warm water for about. 2 | 


minutes, measure the acid temperature and then start the reaction. Take 
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æ You will need a 15 cm length of magnesium ribbon, rolled into a loose ball, 
and a stop-clock or a watch with a second hand. 


Questions 


Questions 


Investigation 


readings of the gas volume every 30 seconds until all of the magnesium has 
reacted or until 10 minutes have passed. 
Repeat the experiment at different temperatures and plot graphs in the 
usual way. Draw a tangent at the origin and obtain a value for the initial rate 
for each experiment. 
æ Compare the results obtained using different temperatures. 


3 What happens to the reaction rate as the temperature is increased? 
4 What might you do with the results to find out whether there is a simple 
Proportionality between rate of reaction and temperature? i 


œ (c) The physical state of the magnesium 

In each experiment, use 25 cm? of 0:25M hydrochloric acid at room 
temperature. 

Weigh 5 cm of magnesium ribbon. Carry out the experiment using this 
ribbon and then obtain further sets of results using firstly the same mass of 
small magnesium turnings and secondly the same mass of magnesium 
powder. 

Draw a graph for each experiment and by using the tangent method 

æ compare the initial rates of reaction. t 


5 What happens to the rate of reaction when smaller particles of 

magnesium are used? 

6 What explanation can you suggest for the variation in the rate, bearing in 
» mind that the mass of the metal is about the same in each experiment? 


What factors affect the rate of the reaction between 
sodium thiosulphate solution and hydrochloric acid? 


The previous investigations followed the reaction by recording a quantity of 
a reactant or product at regular time intervals. The most convenient method 
for this reaction is to record the times for the reaction to reach a certain 
stage when carried out under different conditions. 

The equation for the reaction is: 


Na2S203(aq) + 2HCI(aq) > S(s) + 2NaCl(aq) + H20(I) + SO2(aq) 


In each experiment the time is recorded for the reaction mixture to become so 
cloudy, owing to the precipitated sulphur, that,it is not possible to see a 
cross marked on a piece of paper placed under the beaker of solution. 


œ (a) Concentration of the sodium thiosulphate solution 

Draw a bold cross on a piece of white paper, using a soft pencil or a dark 
pen. Put 20 cm? of 0:2M sodium thiosulphate solution into a small beaker 
and stand it on top of the cross. 

Measure exactly 2 cm? of 2M hydrochloric acid into a test-tube; then, ata 
noted time (or the start of a stop-clock), add the acid all at once to the 
sodium thidsulphate solution and stir it well with a glass rod. Now look down 
at the cross through thereaction mixture and note the time when the cross is 
obscured by the sulphur precipitate. 

Repeat the experiment using different concentrations of sodium thiosul- 
phate solution as described below. In each case use the same piece of 
marked paper, the same quantity of acid and the same beaker. Make sure that 
the beaker is well washed between experiments. 
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For the repeat experiments use: 
(i) 15cm? sodium thiosulphate solution + 5 cm? water 
(ii) 10 cm? sodium thiosulphate solution + 10 cm? water 
(iii) 5cm? sodium thiosulphate solution + 15 cm? water 
~~ İn each case measure the time taken for the cross to become invisible. 


1 Why is water added to the portions of sodium thiosulphate solution in the 
repeat runs? 

2 fit takes a longer time for the cross to be obscured, does this mean that 
the rate is higher or lower? 

3 > What happens to the rate of reaction as the concentration of the sodium 
thiosulphate solution is decreased? 


œ (b) Temperature 
Use the same apparatus, with 5cm? of sodium thiosulphate solution, 
15 cm? of water and 2 cm? of 2M hydrochloric acid. Before adding the acid, 
warm the mixture of water and sodium thiosulphate solution to about the 
required temperature (say 30°C or 40°C or 50°C). 
Measure the actual temperature, add the acid, stir well and record the time 
taken for the cross to disappear. Repeat the experiment at different 
<% temperatures and compare the results. 


4 What happens to the rate of reaction as the temperature increases? 


What factors affect the rate of reaction between 
marble (calcium carbonate) and dilute acids? 
You will need an apparatus of the kind shown in Fig. 23.2 so that you can 


measure the rate of reaction by timing the production of, say, 20 bubbles of _ 
carbon dioxide gas. 


Dilute 
hydrochloric 
acid 


Bubbles of carbon dioxide 


Water 


Put a lump of marble (about 1 cm?) in the boiling-tube and add 10 cm? of 
dilute hydrochloric acid (2M). Time the reaction. 

Now apply a small Bunsen flame for about 10 seconds to warm up the 
reaction mixture slightly; remove the flame and time the reaction again. 


Questions 
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Now rinse out the reaction-tube and this time put some calcium carbonate 
powder (about 1 cm?) in the tube. Add 10 cm? of dilute hydrochloric acid, 
æ and time the reaction. 


1 What happens to the rate of reaction when the temperature is increased? 
2 How does the rate of reaction using powdered marble compare with the 


rate of reaction using a lump of marble? Suggest an explanation for this 
difference in rate. 


Can the rate ofa reaction be affected by the presence of 
other substances? 


The decomposition of hydrogen peroxide to water and oxyyen, 
H202(aq) > H20(1) + 302(g) 


occurs rather slowly when a dilute aqueous solution of hydrogen peroxide is 
heated or exposed to sunlight. 

The purpose of this experiment is to see whether the presence of small 
amounts of other substances (either as solids or in solution) will encourage 
the decomposition so that bubbles of gas can be seen being given off at 
room temperature. 


For each test use about 2 cm? of 20 volume hydrogen peroxide solution ina 

test-tube and add, without warming, a very small quantity of the substance 

being tested. Observe whether effervescence occurs, and make a note of 

how vigorous the reaction is, so that different substances may be compared. 

Allow a minute or so, with shaking, before you leave each test. 
Here is a list of possible substances to try: 


SOLIDS SOLUTIONS 
magnesium oxide dilute hydrochloric acid 
zinc oxide’ dilute sodium hydroxide 
manganese(IV) oxide manganese(Il) sulphate 
lead(Il) oxide iron(IIl) chloride 
lead(IV) oxide copper(II) sulphate 
copper(I) oxide lead(Il) nitrate 
copper(I) oxide silver nitrate 
copper turnings blood 
iron filings sodium chloride 
sand sugar 


Classify the substances you tested, by firstly noting any which appeared to 
have no effect at all, and any which appear to make the decomposition 


vigorous. Then try to rearrange this second group in decreasing order of 
effectiveness. 


What link is there between the substances which make the decomposition of 
hydrogen peroxide vigorous? 


All around us chemical changes are going on all the time. Many natural processes 
occur rather slowly, for example the growth of plants and animals, the rusting of iron, 
the weathering of rocks, the decay of rubbish, and the formation of stalactites in caves. 
These processes occur on a time-scale of months, years or even centuries. There are 
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even some processes which are slower still; for example the radioactive decay of 
uranium-238 takes place over millions of years. In everyday life we make use of 
chemical processes which occur in minutes or hours, for example the burning of a 
candle or the cooking of food. In a chemistry laboratory we often meet reactions 
which are over in a matter of seconds, and we meet many which are instantaneous, as 
far as we can tell by simply looking at them. Clearly, different processes occur at 
different rates. By the word rate we really mean speed. To walk from your home toa 
shop takes longer than to cycle because walking involves a lower speed, or rate of 
progress. Driving gives an even higher rate of progress than cycling, so the journey 
time is even less. 

If we put equal portions of magnesium turnings and iron filings into separate equal 
portions of dilute sulphuric acid, we find that the reaction between the acid and the 
iron takes longer to come to an end than the reaction between acid and magnesium. 
We can say that the rate of reaction of magnesium with acid is greater than that of 
iron with acid. We can link this with the metal reactivity order (17.9), magnesium 
being a more reactive metal than iron. 

It would be a great mistake, however, to think that a discussion of reaction rates is 
nothing more than a discussion of reactivity. For example, hydrogen and oxygen are 
both reactive elements, but a mixture of these two gases is stable indefinitely at room 
temperature. Such a mixture can be kept in a sealed container for years without any 
change occurring. If, then, a flame is applied to the mixture an explosion will occur, 
caused by the very rapid combination of the elements to form water, liberating a large 
amount of energy within a millionth of a second or so. This reaction occurs at an 
extremely rapid rate, once it has been set off. 

It should be clear, just from the few examples mentioned above, that rate of reaction 
depends on many things. Obviously the identity of the reactants is very important, but 
quite apart from that we must consider the conditions under which the reaction is 
occurring. By conditions we mean things like temperature, pressure, the physical state 
of the reactants. Also the presence of other substances might affect the reaction and 
perhaps even the presence or absence of light. All these variables will be considered in 
the following sections of this chapter. 


In general, it is very difficult to predict accurately the rate of any reaction. Many 
reactions between ions in solution are very rapid and yet exceptions are found, which 
you could not predict. For example, the precipitation of calcium sulphate on mixing 
solutions containing calcium ions and sulphate ions is slow compared to other 
precipitation reactions such as those forming barium sulphate or calcium hydroxide. 
Similarly the oxidation of various ions by potassium manganate(VII) occurs at 
different rates. The reaction, with sulphite ions is rapid, whereas the reaction with 
ethanedioate ions is slow at room temperature. We could suggest that the reason for 
this is that the,C-C bond in the ethanedioate (C,O,2-) ion has to be broken. This is still 
not a satisfactory explanation because the reaction between manganate(VII) ions and 
thiosulphate ions (S,O,?-) in which S-S bonds are broken is rapid. These differences in 
rate are difficult to explain and certainly would have been very difficult to predict. 
The main purpose of this chapter is not to try to make comparisons between the 
rates of different reactions. It is to consider how the rate of a particular reaction is 
likely to be affected by different conditions and how we can vary the rate. Before we 
can do this, we must first see what kinds of measurements we are going to need to 
make in order to study reaction rates. : 
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How can we 
measure rates? 


Fig. 23.3 Apparatus used 
in a research laboratory 
Sor investigating the rates 
of reactions between gases. 
(Photo: J. Olive) 
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A study of reaction rates means a study of how fast they occur, so clearly we must make 
measurements involving timing—but what, exactly, should we time? In every 
chemical reaction certain substances are changing into other substances. The 


substances referred to as reactants are being used up while the products are the 
substances being formed. Thus a measure of the rate of reaction will involve either 
measurement of how much ofa reactant is used up in a certain time, or how much ofa » 
product is formed in a certain time. We would not need to measure both, since the 
equation for the reaction gives a direct connection between the two. 

Where one of the products is a gas, it is very easy to follow the reaction. Some of the 
investigations at the beginning of this chapter concern the reaction of magnesium 
metal with dilute hydrochloric acid, in which hydrogen is given off: 


Mg(s) + 2HCl(aq) > MgCl,(aq) + H,(g) 


We can easily follow the rate of formation of hydrogen by collecting it, as it is formed, 
in a suitable graduated container such as a gas syringe. Using the gas laws we can, if 
required, convert the volume of hydrogen into the number of moles of hydrogen. We 
do not actually do such a conversion in the investigations in this chapter because we are 
concerned only in comparing rates for the reaction under different conditions, not in 
measuring absolute rates. { 

In such an investigation the volume of hydrogen produced would be recorded at 
regular time intervals. An alternative method which you may meet is to record the 
time for a reaction to reach a certain stage. Investigation 23.4 uses this method by 
recording the time needed for a precipitate of sulphur to reach a certain density. The 
shorter the time, the quicker is the reaction and the higher the rate of reaction. By 
comparing times it is possible to see how \changing the conditions of the reaction 
affects the rate. 
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Do rates depend 


upon 
concentrations? 


Fig, 23.4 


Measurements of rates of reactions are important in trying to establish theories about 
reactions, but they are even more important in providing chemical engineers with the 
necessary information for designing industrial processes. When designing a particular 
chemical plant, it is essential to have information on how fast the reactions go, and how 
the rate depends upon conditions such as temperature and pressure. The following 
sections of this chapter are concerned with how reaction rates are affected by 
conditions, 


In the study of the reaction between magnesium metal and dilute hydrochloric acid, 
the hydrogen gas given off can be collected in a gas syringe (Investigation 23.2). Its 
volume can be recorded at regular time intervals. The results, when plotted on a 
graph, look similar to Fig. 23.4. In this experiment the magnesium is in excess, so the 
reaction comes to an end when the acid has all been used up. One thing which is 
immediately noticeable is that the reaction does not stop suddenly. The dashed line 
on Fig. 23.4 indicates the final volume of hydrogen; and it'can be seen that this 
maximum volume is approached slowly and gradually. As time proceeds, the 
reaction becomes slower and slower, as indicated by the fact that the slope of the 
curve becomes less steep. 

The slope of the line at any point represents the rate of production of hydrogen in 
terms of volume per unit time, and is therefore a measure of the rate of reaction at 
that time. Thus, the most obvious conclusion from the experiment is that the reaction 
rate steadily decreases as the reaction proceeds, finally approaching zero as the acid 
supply runs out. 
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| The reaction rate steadily decreases because the concentration of the acid steadily 
5 A : Ë ; J 
decreases as the reaction coñverts it gradually into magnesium chloride: 


Mg(s) + 2HCl(aq) > MgCl,(aq) + H,(g) 


The quantity of magnesium metal is also decreasing, but since, in this experiment, the 
metal is in excess, it is more likely that the acid concentration is the important factor. In 
any case, this idea can be checked by repeating the experiment with the same quantity 
of magnesium ribbon, put into different solutions of hydrochloric acid. The volume of 
each acid solution is kept the same but the concentration of the acid is changed from 
one sample to another. 
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When we plot the graphs of volume of hydrogen against time we obtain curves 
similar to those in Fig. 23.5. It is very clear that the more concentrated the acid 
solution is, the steeper is the curve and the greater is the rate of reaction. Thus our 
idea is correct: the rate of reaction does depend upon the acid concentration. The 
reason why the reaction rate decreases as the reaction proceeds is that the acid 
concentration is decreasing. 
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If we wish to make a numerical comparison between the reaction rates at various 
concentrations, a convenient way to do this is to use the method of initial rates. In order 
toobtain a measure of the reaction rate at the start, when the acid concentration has 
not fallen, we draw a tangent to the curve at the origin of the graph, as shown in 
Fig. 23.5. Then we measure the slope of this tangent, which gives a measure of the 


initial reaction rate. We could express this as, for example, the volume of hydrogen 


“which would have been produced in 1 minute had the reaction rate remained at its 


initial value. The advantage of using initial rates is that it is only at the beginning of 
each reaction that we know the concentration of the acid. 

If you compared the results for the various graphs you would find that the relation 
between, reaction rate and concentration of the acid is not a simple one. You might, 
perhaps, expect that doubling the acid concentration would double the reaction rate 
but it appeays that things are npt quite as simple as this. In general, it has been found 
that in chemical reactions therg may or may not be a simple relationship between rate 
and concentrgtion ; sometimes there is, but the results are quite impossible to predict. 

The experithents discussed above involve a solid reacting with a solution. When 
hydrochloric atid is added to sodium thiosulphate solution, a fairly slow reaction takes 
place. In this reaction sulphur is precipitated, as a result of which the reaction mixture 
becomes cloudy : ‘ s 


A 
Na,S,O,(aq) + 2HCl(aq) > S(s) + 2NaCl(aq) + SO,(aq) + H,O(1) 


A convenient way of comparing the rate of reaction for different conditions is to 
measure how long it takes for the cloudiness to obscure (hide) a cross marked on a 


` 
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Fig. 23.6 


piece of paper under the reaction flask. In this case, rather than following the rate of 
reaction, we are comparing the times for it to reach a certain point. The faster the 
rate, the shorter will be thestime taken. Thus the rate is inversely. proportional to 
the time, and rates for different conditions can be compared by comparing the 
reciprocals of the reaction time 


(i.e. N for each set of conditions. 


time 


If a series of experiments is done in which only the concentration of the sodium 
thiosulphate solution is varied, it will be found that the rate increases as the 
concentration of sodium thiosulphate increases. However, you will not necessarily 
find that it is a simple relationship. 

The increase of reaction rate with concentration is found to apply to most 
reactions, although the exact nature of the relationship varies widely. The effect 
applies to gaseous reagents as well as to reagents in solution, although we usually talk 
about gas pressures rather than concentrations. It is very important for the chemical 
engineer to know how the rate of a particular reaction he is using varies with 
concentration. This enables the plant to be designed in such a way that the 
concentrations used will give a suitable rate of reaction. Hence an essential 
preliminary stage is to investigate how the concentration of each reagent influences 
the rate of reaction. 


We know from everyday life that quite a lot of processes go more quickly, or more 
readily, if the temperature is raised. One obvious example is that sugar dissolves much 
more rapidly in hot water (or tea and coffee) than in cold water. Controlled 
elpoimene can be carried out to see if the rate of a particular reaction varies with 
temperature. 

For example, equal volumes of the same hydrochloric acid solution can be put into 
Hifferent flasks and warmed to different temperatures, before adding equal quantities 
of magnesium ribbon. Temperature is the only condition which is being varied in this 
series of experiments. If the rate of production of hydrogen is recorded (Investigation 
23.3),\qhe results will be similar to Fig. 23.6. 


Volume of hydrogen 


Time 
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Fig. 23.7 A heat 
exchanger under 
construction, showing the 
ends of the bundle of tubes 
which pass into the main 
chamber. The tubes will 
eventually be cut off level 
with the end of the 
chamber. The substances 
passing through the main 
chamber can be heated by 
passing steam through the 
tubes or cooled hy passing 
cold water through them. 
(Courtesy Foster Wheeler 
Power Products) 


The obvious conclusion is that as temperature is increased the reaction rate 
increases. To make a numerical comparison between results it is convenient to use the 
method of initial rates as before, and compare the slopes of the tangents drawn as in 
Fig. 23.6, In this particular experiment you may find that the rate is approximately 
doubled by raising the temperature from 20°C to 40°C. 

Similarly the reaction between hydrochloric acid and sodium thiosulphate solution 
canbe carried out with equal volumes of the two solutions at a series of different 
temperatures. All conditions are kept constant, apart from temperature, and it is found 
that as temperature is increased the time taken for the cross to be hidden by 
precipitated sulphur decreases, i.e. the rate of reaction increases with temperature. 

The increase of reaction rate with temperature is found to apply for virtually all 
reactions, but the extent to which this occurs varies from reaction to reaction. The 

_ effective is cumulative: if the rate of a particular reaction is doubled by a rise of 10°C, 
then a further 10°C rise doubles it again, so that a 20°C rise quadruples the rate. 

There is an important practical consequence of the fact that reaction rates generally 
rise markedly as temperature increases. Many chemical reactions are exothermic, that 
is, heat is given out as the reaction proceeds. If this heat is not allowed to escape then 
the reaction mixture becomes hotter. When the mixture becomes hotter the reaction 
rate increases, and so more heat is given out per unit time. Hence an exothermic 
reaction could run completely out of control as the rate increases to the point of an 
explosion. This is what we want to happen when petrol is ignited inside the engine ofa 
motor car, but clearly on other occasions it is not desirable. 

The chemical engineer, when designing an industrial plant, must know how the 
rates of the reactions concerned vary with temperature and also know how much 
heat, if any, is given out as the reactions proceed. It must be possible to control the 
temperature so that it can be kept almost constant. This is particularly important 
when a continuous flow process is being used. This is a process in which reactants are 
being continually fed into one end of the reaction container and products are 
continually being removed from the other end. If the temperature is not kept 
constant the process will either grind to a halt or go out of control. 


A large proportion of the complicated network of pipes which can be seen in 
industrial plants is concerned simply with temperature control. Heat exchangers 


are used in which a circulating fluid removes heat where it is being generated by the - 


reactions and transfers it to wherever it may be needed—often to pre-heat the 


reactants before they enter the reaction vessels. $ 
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23.13 

How do solids 
behave in 
reactions? 


Fig. 23.8 


Fig. 23.9 


Many of the reactions that we meet in the laboratory involve a solid reacting with an 
aqueous solution of a reagent. For example, most metal oxides and carbonates are 
insoluble in water but they will dissolve in solutions of acids because they react with the 
acid to form a soluble salt. As with other types of reactions, it is difficult to predict how 
the rates at which different solids react with acid will compare. 

We have already seen how the temperature and concentration of the acid affects the 
rate of the reaction between magnesium and dilute hydrochloric acid. Is there 
anything we can now do to the magnesium which will alter the rate of the reaction? We 
can, of course change the mass of the magnesium present, but we can also alter the sizes 
of the pieces of the magnesium metal which are added to the acid. 

We can take three samples of the metal, of the same mass, and put them into equal 
volumes of hydrochloric acid of the same concentration, at the same temperature. The 
difference between these magnesium samples is that one is ribbon, the second is small 

turnings and the third is fine powder. Typical results of the experiment are shown in 
Fig. 23.8, and clearly the small turnings react more quickly than the ribbon, while the 
powder reacts very quickly indeed. 
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Why should magnesium particles of smaller size react more rapidly with acid than a 
large piece of the same total mass? To answer this question we should first note that 
when a solid is reacting with a liquid the only place the reactants are actually in contact 
is at the surface of the solid. Now let us consider what happens to the surface area of a 
solid if it is divided into smaller pieces. Referring to Fig. 23.9, suppose we have a 2 cm 
cube of a solid. ; 
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23.14 
Can light affect 
chemical 

reactions? 


Fig. 23.10 


Filter 
paper 
Patch of 
silver 
chloride 
Coin 


The area of each side is 2 x 2=4 cm?, and since there are 6 sides the total surface 
area is 24 cm?. If we bisect the cube in each of its three dimensions (indicated by the 
dashed line) we obtain 8 cubes, each of side 1 cm. Each small cube has a surface area of 
6 cm?, but since there are now 8 cubes the total surface area is 48 cm?. This is twice the 
original surface area. The explanation of the experimental results would therefore 
seem to be that the rate of reaction of a solid with a liquid increases as the surface area 
of the solid increases. 

Another reaction which can be examined in a similar way is that between marble 
(calcium carbonate) and an acid (Investigation 23.5) : 


CaCO,(s) + 2HCI(aq) > CaCl,(aq) + H,O(1) + CO,(¢) 


The reaction involves effervescence, and merely by visual observation we can see that 
calcium carbonate in powder form reacts with hydrochloric acid much more rapidly 
than a single solid lump of marble. It is generally the case that finely divided solids 
undergo reactions more quickly than solids in the form of large lumps. It is for this 
reason that if we want to dissolve a solid in water, we often save ourselves time by first 
grinding it into a powder. 

We can use the surface area theory to explain some unexpected reaction rates. 
Firstly, when a lump of marble is dropped into dilute sulphuric acid immediate 
effervescence occurs but within a second or so the effervescence stops (11.9). Ifwe write 
the equation for the reaction, 

CaCO,(s) + H,SO,(aq) > CaSO,(aq) + H,O(1) + COx{g) 
we see that one of the, products is calcium sulphate, shown here as CaSO,(aq) implying 
that the salt is formed in aqueous solution. Calcium sulphate is only slightly soluble in 
water and consequently only the first little bit of calcium sulphate formed in the 
reaction will dissolve. The next little bit will not dissolve, and it will stay where it is 
formed, at the surface of the marble. The effect of this will be to break contact between 
the marble and the acid, and hence the reaction stops. ; 

Many industrial processes involve a solid as one of the reactants, and since the rate of 
reaction depends on the surface area of the solid, and hence the size of its particles, 
considerable attention is paid to using particles of a certain size. 


Chemical reactions nearly always involve an energy change. This often shows itself 
as heat being produced, but it may show itself in the production of light, as in the 
example of flame. You know that the application of energy in the form of heat will 
often start or accelerate a reaction, so it is natural to ask whether application of energy 
in the form of light will do the same. For the majority of reactions the presence or 
absence of light does not affect the rate at all. However there are some where light has 
a considerable effect, and these reactions are very important. 

One example which can be easily demonstrated involves the effect of light on silver 
chloride. Silver chloride is obtained as a white precipitate by mixing solutions of silver 
nitrate and hydrochloric acid: 


AgNO,(aq) + HCl(aq) > AgCl(s) + HNO,(aq) 


Ifitis then filtered off and the filter paper is Spened out and placed on a bench with an 
object such as a coin covering part of the precipitate (Fig. 23.10), it will be observed 
after a few minutes that the precipitate is darkening. The effect will be more rapid if 
direct sunlight is falling on the paper. Alternatively, the effect can be accelerated by 
burning a piece of magnesium ribbon about 25 cm above the paper. When the coin is 
removed the contrast between the light and the dark will be obvious. 
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Fig. 23.11 One of the 

first photographs ever 
taken. It was produced in 
1826, and it is thought 
that an exposure time of 
about 8 hours was used. , 
(Courtesy Kodak í 
Museum) 


Fig. 23.12 Polaroid film 
needs an exposure of a 
fraction of a second. The 
photograph is 
automatically ejected from 
the camera and the picture 
appears without any . 
further treatment. 
(Courtesy Polaroid (UK) 
Ltd) 


The reason for the darkening is the formation of finely-divided silver metal, caused 


by the decomposition of silver chloride started by light. This process is the basis of 
photography. The salt actually used on photographic film is silver bromide which, 
though more expensive than silver chloride, is more sensitive to light. The exposure 
time used with a modern camera is only a tiny fraction of a second, and this is why the 
image formed on the film must then be developed in order tomake it more intense. The 
image must finally be fixed, by treating the film with a solution which removes 


unchanged silver bromide so that the film is no longer sensitive to light. 


mm: 


This light-sensitive property is common to silver salts in general, which is why silver — 
nitrate solution is always kept in a dark bottle. A substance such as this which is affected 
by light is said to be photosensitive, and a reaction which is started or accelerated by 
light is referred to as a photochemical reactign. 


In addition to photography there are a number of photochemical reactions which 
are important in everyday life. One is the bleaching (or fading) of certain dyes by the 
action of sunlight. This problem is not as common asit used to be asa lot of research has 7 
been done into developing dyes which are not affected by sunlight. These dyes are ua 
to produce coloured fabrics which do not fade. Actually the bleaching action O 
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23.15 

Can the presence 
of other 
substances affect 
reaction rates? 


The most important photochemical reaction of all, without which life on Earth as 
we know it would be impossible, is photosynthesis in plants. In this reaction, water and 
carbon dioxide from the air combine under the influence of sunlight to form a 
carbohydrate called starch. 


sunlight 


carbon dioxide + water -—————~ starch + oxygen 


The reaction absorbs carbon dioxide from the air and replaces it with oxygen. In this 
way the composition of air is maintained, since animals and human beings when they 
breathe absorb some of the oxygen from the air and give out more carbon dioxide, 
28.8. The reaction is also vital fom the point of view of the other product, starch, 
which is formed in plant growth. Animals and human beings eat plants, and in their 
bodies the starch is oxidised to form water, carbon dioxide and energy, 9.4. Hence this 


reaction is an essential step in the food chain on which our existence depends. There is 


more to this reaction than just the action of sunlight. 

The reaction occurs in the leaves of plants and is associated with the presence of the 
green substance called chlorophyll. This is the substance which is responsible for 
absorbing the energy from sunlight, and making this energy available for causing the 
reaction to occur. Chlorophyll acts as a catalyst for the reaction. Catalysis is discussed 
in the following section. 


Ifa solution of hydrogen peroxide is heated or exposed to light it will decompose slowly 
into water and oxygen: 


2H,0,(aq) > 2H,0(1) + O,(g) 
We find that when various substances are added to this solution (Investigation 23.6), 
effervescence is observed due to oxygen being given off. The presence of these 
substances has accelerated the reaction so that it goes at a noticeable rate even at room 
temperature. A particularly effective substance for this purpose is manganese(IV) 
oxide (MnO,) which, when added: to hydrogen peroxide solution, causes quite 
vigorous effervescence. 

The intriguing thing about this reaction is that, however small a quantity of 
manganese(IV) oxide is used, it apparently encourages the decomposition of an 
unlimited quantity of hydrogen peroxide solution. Also, we can, at any time, 
recover the original quantity of manganese(IV) oxide chemically unchanged. In other 
words the manganese(IV) oxide is not used up in the reaction; it affects the rate of 
reaction, but that is all. If we use larger quantities of manganese(IV) oxide we obtain a 
higher rate of reaction but we do not alter the total quantity of oxygen finally obtained. 
This is known as catalysis and the'substance which affects the rate of a reaction by its 
presence is known as a catalyst. 

A catalyst is a substance which speeds up a chemical reaction without 
itself being used up. 


Catalysis is, in fact, quite common, and it is very important both in industrial 


processes and biological processes (e.g. photosynthesis). Many processes in the body, - 


such as the digestion of food, are catalysed by enzymes. These are organic substances 
which enable reactions to proceed at body temperature which would otherwise 
proceed only at a very high temperature, if at all. 

Haemoglobin, the red substance in bloéd, can be thought of as a catalyst for the 
reactions which use oxygen in the body. In the lungs oxygen combines with 
haemoglobin to form oxy-haemoglobin, which passes round the body-in the 
bloodstream. The oxy-haemoglobin splits up as oxygen is used in various parts of the 
body, and returns as haemoglobin to the lungs to pick up more oxygen, 9.4. 


231 


ae ——EE oo ET 


|Fig. 23.13 A collection of 
catalysts showing the 
different shapes and 
particle sizes which are 
used for different 
processes, (Courtesy ICI 
Ltd Agricultural 

Division ) 


23.16 


Summary 


This last example shows one of the ways in which a catalyst can work, namely, by the 
formation of an intermediate compound which splits up again as the products are 
formed and regenerates the catalyst. 

This is not the only way in which a catalyst can operate. Many catalysed reactions, 
including many of industrial importance, operate by surface catalysis. In this case the 
catalyst is a solid, and provides a surface on which the reactants are adsorbed (held on 
the surface), and then react more quickly than they would otherwise do. For example, 
the metals platinum and nickel act as catalysts for many reactions involving gaseous 
hydrogen. Since the reaction involves the metal surface, the catalytie action is greatest 
if the metals are finely divided. If a mixture of hydrogen and oxygen is brought into 


contact with a small quantity of platinum powder, the reaction between the two gases ` 


to form water is immediately set off, just as if a spark or a flame had been applied. 
What kinds of substances will act as catalysts? Much research has been carried out 
on this, and it has been found that catalytic activity is nearly always associated with 
transition metals and their compounds. The term transition metal is explained to some 
extent in 12.13. It is interesting that the catalytic behaviour of any particular 
substance is usually found only to apply toa particular reaction, or type of reaction. A 
great deal of research continues to be done, in order both to establish general patterns 
of behaviour, and to develop catalysts for use in particular industrial processes. 
Examples of industrial process which use catalysts are: 
(1) The Haber Process for the synthesis of ammonia (iron catalyst) (33.9). 
(2) The Contact Process for production of sulphur trioxide, from which sulphuric 
acid is made (vanadium (V) oxide catalyst) (27.20). ' 
(3) The oxidation of ammonia to nitrogen monoxide, from which nitric acid is 
made (platinum /rhodium catalyst) (34.4). 
(4) The hardening of fats and oils by hydrogenation (nickel catalyst) (31.9). 


. Different chemical reactions vary very widely in rate, and rates of reactions cannot, 
in general, be reliably predicted. 5 

2. The rate of a reaction depends upon the conditions under which the reaction is 
occurring. 

3. One method of investigating rates involves recording how the amount of a 
reactant or product changes with time. A secorid method involves recording the 
time for the reaction to reach a certain stage. 

4.. Rates of reactions in aqueous solution very often increase with concentrations of the 
reactants. Rates of reaction of gases very often increase with gas pressure. It is not 
possible to predict from the equation for a reaction how changing the concentration 
ofá reactant will affect the rate. 

5. Rates of virtually all reactions increase markedly with temperature. Therefore, 
exothermic reactions tend to become faster. 

6. Reactions involving solids vary very widely in rate, and some may be extremely 
slow. The rate almost always increases as the surface area of the solid increases. 

7. Most chemical reactions are not affected by light but some are. These are known as 
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photochemical reactions. Photosynthesis is the most important photochemical < 


reaction. Photography is another common example. 
8. Catalysis is a common and important phenomenon, which is involved in many 


biological and industrial processes. Catalytic activity. is associated particularly with — 


transition metals and their compounds. 
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Chapter 24 è i i 
The extraction and uses of some important 
metals 
24.1 One way of tracing the development of our way of life, from the primitive existence in 
Our dependence Stone Age times up until the present day, is to consider what materials have been 
on metals available at various times for making articles such as tools, utensils, ornaments, 


jewellery and weapons. Until the development of plastics during this century, the 
materials which have influenced our way of life most have been the metals. From the 
earliest times gold, silver and copper, because they can be found in the native state 
(that is uncombined with any other element), have been used for jewellery.and 
ornaments. Most other metals occur combined with other elements, and each time a 
process was discovered for extracting a new metal it meant another material became 
available from which articles could be made. 

In early history anew metal provided the possibility of wider political and economic 
power to the people who discovered it. For example, when bronze (10% tin and 90% 
copper) was first made about 5000 years ago in the Middle East, the nations with 
bronze weapons had a clear advantage over those who were still using stone axes and 
arrow-heads. Similarly, when iron was first made about 1500 BC, possibly by the 
Hittites, who lived in what is now Northern Turkey, it was found to have superior 
properties to bronze in that it was much harder, and easier to make into a sharper 
cutting edge. 
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24.2 

Relative $ 
importance o; 
different metals 


Fig. 24.2 The 
composition of the part of 
the Earth’s crust which is 
not under the sea 


In more recent history, perhaps the most striking example of the discovery ofa new 
extraction process is that of the electrolytic method for extracting aluminium. In the 
middle of the last century aluminium was still considered a rare metal, so much so that 
a bar of the metal was on display next to the Crown Jewels at the Paris Exhibition in 


1855. In 1886 an economic method of extracting it from an abundant mineral called 1 
bauxite was developed and by 1980 the world production of aluminium was about | 


17 million tonnes per year. Aluminium, being structurally strong and yet of low 
density, has made the development of the modern aircraft industry possible. 


Without a plentiful supply of aluminium we might still be flying in aircraft made from ~ 


canvas stretched over a wooden framework, or alternatively they would be made from 
other metals whose cost of production would be much higher. 


The factors which influence the cost of a metal and its value to mankind are of three 
types: first the physical and chemical properties of the metal, second the cost of 
production of the metal and third the demand for the metal. Gold has always been 
considered a precious metal. It can be shaped easily to make different objects, it is 
resistant to chemical attack and therefore retains its shine even when exposed to air and 
moisture, and it is rare. Thus gold is a very expensive metal. 

Rarity is not the only factor which contributes to the cost of a metal. For example, 
aluminium is the most abundant metal in the Earth’s crust (Fig. 24.2) and yet, until a 


commercially worthwhile method of extracting it was developed, it was a very 


expensive substance. 


Aluminium 8% 


— Calcium 5% 


Magnesium 3% 


Sodium 2.5% 


Potassium 1.5% 
All other elements 2% 


Oxygen 45% 


A high demand for a metal can influence the cost in two ways. If the supply cannot | 


keep pace with the demand the cost will undoubtedly rise. If, however, an increas 

demand leads to an increase in production, a decrease in price can result, particularly 
if the chemical plant can be made to work at full capacity. This will mean that the cost 
of overheads (such as the cost of building the plant) relative to the turnover in cash will 
decrease, Economic factors are discussed further in 24.5. 
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24.3 

Mineral 
resources and 
their 
conservation 


Fig. 24.3 (below) 
Prospecting for minerals 
in Scotland, using an 


electromagnetic technique. 


(Courtesy RTZ Services 
Etd. Photo: Dmitri 
Kasterine) 

l 


Fig. 24.4 (right) Fron 
ore mining at 
Mauretania. (Courtesy 


British Steel Corporation. 
- Photo: Photographic 


Techniques) 


The Earth’s crust, the sea and the atmosphere are the only sources of elements 
available to man, the use of other planets or the Moon being technically and 
economically impracticable in the foreseeable future. When considering the metallic 
clements, the parts of the Earth’s crust which are not under the sea are clearly the 
major source. However, as Fig. 24.2 shows, 72%, of this part of the crust is made up of 
the non-metals oxygen and silicon. The only. relatively abundant metals are 
aluminium and iron, followed by the few others mentioned in Fig. 24.2. All the 
elements which are not mentioned, including such important metals as copper, make 
up no more than 2% of the Earth’s crust. 

All the metals we use are extracted from minerals which are naturally occurring 
inorganic compounds. For example, an important mineral of lead is called galena 
which is the chemical compound lead sulphide, Table 24.1 lists some of the more 
important minerals. 

The minerals which are used are usually found as parts of rocks or in deposits which 
have been formed by the weathering of rocks. Some minerals which are soluble in 
water are extracted from the sea. 

Rocks are usually made up of mixtures of minerals and when a rock is used as a 
source of a metal it is often called an ore. Haematite, which is iron(III) oxide and is: 
used as a source of iron, is called an iron ore. Another iron ore is siderite, which is 
iron(II) carbonate. 

In early times mineral deposits were often found by chance, but the development of 
the science of geology has reduced the chance factor. Geologists know in what type of 
rock formation, and near to what other types of rocks, each mineral is likely to be , 
found. Most mineral prospecting is done now by professional geologists rather than the 
untrained prospector hoping to make his fortune by a lucky strike. 


Useful minerals, owing to the geological history of the Earth, tend to be 
concentrated in particular areas. For example, copper, which is a comparatively rare 


metal, is not distributed evenly throughout the Earth’s crust. It is found in localised * 


mineral deposits which contain sufficient copper to make it worthwhile extracting the 
metal. 

Rocks are classified according to how they were formed. Igneous rocks were formed 
by the cooling of molten mixtures of minerals (magmas). Granite is a common 
example of an igneous rock. Sedimentary \rocks were formed when sediments, either 
from the weathering of igneous rocks or from the remains of very small marine 
creatures, were compressed to form hard rock. Thus sand, which consists of tiny grains 


TABLE 24,1. Sources of 
some important metals 
and the main steps 

in their extraction 


of quartz produced by the weathering of igneous rocks, was compressed over mill 
of years to form sandstone. Most limestones were formed by the gradual build-up of th 
remains of small marine creatures. These were compressed by overlying layers g 
other deposits and rocks and gradually became limestone. Sedimentary rocks oft 
contain fossils which are the skeletal remains or the impressions of plants and anima 
which lived at the time the rock was being deposited. The third type of rocks 
called metamorphic. These were formed by the action of heat and pressure 0 
either igneous or sedimentary rocks. For example, marble has been formed fro 
limestone in this way. 


METAL 


SOURCES METHOD OF EXTRACTION 


Sodium Rock salt, NaCl Electrolysis of molten NaCl mixed with 


some CaCl, 


Dolomite, 
CaCO,.MgCO, 
Sea water 


Magnesium Electrolysis of molten MgCl, 


—— 


Aluminium Bauxite, Al,O,.2H,O Electrolysis of Al,O, in molten cryolite 


Zinc Zinc blende, ZnS Reduction of ZnO by carbon 


Iron Magnetite, FeO, 


Reduction of the metal oxides by carbon ~ 
Haematite, Fe,O, 4 


and carbon monoxide 


Lead Galena, PbS Reduction of PbO by carbon 


Copper Copper pyrites, 


CuFeS, 


Roasting with sand and in air 


Useful mineral ores can occur in all three types of rock. The iron ore in Sweden 
found in igneous rock. As the molten rock cooled the heavier iron ore (magnetit 
Fe,O,) sank to the bottom. Due to later geological movements and weatherinį 
this high concentration of ore has become accessible and is one of the richest deposits! 
the world. In Britain most of the iron ore deposits are sedimentary, although there 
some metamorphic magnetite in Cornwall. The main ore of aluminium, bauxi 
(named after Les Baux in France where it occurs), was left as a residue of hydrat 
aluminium oxide after the weathering of igneous rocks. 

Clearly mineral resources are finite, that is, they are limited in quantity. If we 
to use up all the accessible copper ore, we would not be able to produce any 
copper metal. The world annual consumption of copper was about 6 million tonni 
1975 (Fig. 24.5) and it has been predicted that it could rise to about 20 million tonn 
by the end of the century. Estimations such as this are very difficult to make becau 
for example, the consumption of copper per head of population differs greatly from t 
more developed communities to those which are less developed. The ann 
consumption of copper in the U.S.A. in 1975 was about 10 kg per head of populatii 
whereas in India it was about 0-1 kg (Fig. 24.6). It must be anticipated that 
consumption of copper (and of course most other metals) will increase considerably! 
developing countries over the next few decades. We need to ask how demand can! 
controlled at a reasonable level, and how required production rates can 

maintained. These questions are very complex; for example, if the world demand! 
copper was drastically reduced, the economic prosperity of the countries where the ô 
is mined, such as some of the developing countries in Central Africa, would | 
threatened, 
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Fig. 24.6 World 
production of copper 


Fig. 24.5 A comparison 


of consumption of copper 
and population 
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Fig. 24.7 The recycling 
1 of metals by scrapping old 
motor cars. (Photo: 
Russell Edwards, BSc) 
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__ When considering whether production ofa metal is likely to continue for a long time 
into the future, we have to take into Account that it is probable that many more mineral 
deposits will be discovered. It is also probable that new processes will be found for 
extracting metals from lower-grade ores (those which contain a lower percentage of 
the mineral). 

Another important factor is the recycling of used metals. The car-breaker’s yard 
may be unsightly, but it is making a useful contribution to the recycling of metals. 
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Fig. 24.8 The recycling 
of aluminium is being 


„encouraged by Save-a-Can 


schemes, which in this 
case is also helping a local 
charity. (Photo: F. Olive) 


24.4 
Factors 
influencing 
methods of 


extracting 
metals 


example of this is the increasing use of aluminium, rather than copper, as an electrical 


conductor. ; : 
Nevertheless the sensible use of metals and the conservation of mineral resources are 


matters of concern for everybody, whether you are a technologist concerned with the 
production or use of metals, or simply a person who contributes to the recycling process 
by collecting used milk-bottle tops. 
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It seems likely that the discoveries of the metals gold, silver, copper, lead and probably 
iron were largely accidental. The story goes that travellers banked up their fire for the 
night with stones which, unknown to them, contained a copper mineral, and in the 
morning they found beads of copper in the ashes. No doubt the methods were 
developed by experimentation and the knowledge acquired was passed down from 
generation to generation. In some less developed parts of the world the traditional 
methods of extracting iron by heating the ore with charcoal were used up until the 
middle of this century. 

It was not until the science of chemistry developed during the last century that the 
processes involved in the extractions were understood. The essential step is the 
conversion of the combined form of the metal in a mineral into the uncombined 
element. This is a reduction process. Thus, for example, the conversion of haematite, 
Fe,Os, into iron involves the removal-of oxygen. This change can also be classified as 
reduction by considering that the iron in the compound is in the form of Fe3+ ions and 
when converted to the metal these ions are changed to neutral atoms by gaining 
electrons, which is a reduction process: 


Fett Ses: >Re 


Reduction can be brought about by reacting the ore with a reducing agent such a5 
carbon (in the form of coke) which removes the oxygen from the oxide of the metal, 


ZnO(s) + C(s) > Zn(g) + CO(g) z 


or by electrolysis, when an electric current is passed through, for example, the molten 
chloride of the metal and the metal is liberated at the cathode: 


Nat + e+ —> Na 


Which of the two general methods is used depends mainly on the reactivity of the 
metal. A very reactive metal such as sodium has a great tendency to stay combin 
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In the future it is probable that metals will be replaced by other materials for certain i 
uses, or more abundant metals will be used in preference to rare metals. An important | 


Blea wears rh Le 9 


with other elements and is difficult to reduce by chemical means with a reducing agent, 
and so an electrolytic process is used. Less reactive metals such as zinc, iron, lead and 
copper can be obtained by chemical reduction. If the metal occurs as a sulphide (eig. 
PbS and ZnS), it is roasted in air first to convert it to the oxide of the metal. Table 24.1, 
in which some metals are arranged in order of decreasing reactivity, shows how the 
method of extraction used is related to the reactivity of the metal. 

When designing a process for the extraction ofa metal it is necessary to consider the 
concentration of the mineral in the ore. Many iron ores contain as much as 70% by 
mass of iron whereas most gold ores contain less than 0-007 % of gold. Where the ore is 
not rich in the metal, the first stage of the process is often the production of a more 
concentrated form of the mineral from the ore. | 

Another factor to be considered is the purity of the metal required for a particular 
use. Frequently the final stage involves refining the metal so that the purity is increased 
to the desired level. This stage sometimes involves the addition of impurities which give 
the metal particular required properties. When you study the extraction processes- 
which are described later in this chapter you should be able to recognise some or all of 
the following stages in the processes: 

. preliminary concentration of the mineral in the ore, 
- Toasting of the ore to convert sulphides to oxides, 

- reduction of the mineral to the metal, and 

refining of the metal. 


fone 


Overall, the process must be economically worthwhile. The factors which need to be 
taken into account when determining whether this is likely to be the case include: 

1. The accessibility and grade of the ore, From the economic point of view a low- 
grade ore might be more worthwhile than a high-grade one if the latter is less 
accessible. The ore might be found in a remote place which would result in high 
transport costs, or it could be that the ore is deep underground and hence mining costs 
would be high. 

2. The cost of the other raw materials such as the reducing agent. 

3. The cost of building the chemical plant (for example-the furnaces used for 
producing iron and the electrolytic cells used for producing sodium). 

4. The cost of labour for running and maintaining the plant. 

5. The cost of utilities, which is the name given to things which are required by all 
chemical plants, namely water and steam, and energy in the form of electricity, gas, oil 
or coal. 

6. How the cost varies with the amount produced. Some of the costs mentioned 
previously are almost constant irrespective of output, and hence the greater the output 
from a particular chemical plant, the lower the cost per tonne of product is likely to be. 

7. Finally, of course, the likely selling price of the product. 


The site chosen for the location of a chemical plant will depend on a balance between 
economic and social /environmental factors. From an economic point of view it will be 
necessary to decide whether the plant should be situated near the source of the raw 
materials, so as to reduce transport costs. On the other hand, if the cost of building the 
plant and maintaining and running it are likely to be high, and the source of the raw 
materials is remote, it may be better to transport the raw materials and build the plant 
in a more accessible place. If the efiergy requirement is likely to be high, it might be 
necessary to build the plant near a cheap source of power. 

From the environmental and social points of view it could be necessary to consider, 
on the one hand, the disposal of effluent and, on the othér hand, the provision of work 
for the local community. There are two possible major sources of effluent, first any 
unwanted part of the ore (which for low-grade ores will be a major consideration) yand 
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secondly any unwanted by-products of the roasting, reduction or refining processes. 
Gaseous products could pollute the atmosphere and soluble products and liquids could 
pollute waterways. Where the unwanted products are solids, they can lead to the 
build-up of unsightly waste tips which can make the land occupied in this way 
unusable. 

Our whole way of life depends on the products of the chemical industry and yet the 
problems associated with effluent and accidents can be serious. Everyone should be 
aware that the economic and environmental consequences of the industry can affect all 
our lives and it is essential that a sensible balance between them is achieved. The siting 
of chemical plants for the extraction of particular metals is discussed later in this 
chapter. Air and water pollution are discussed in greater detail in 9.5 and 10.13 
respectively. 


cose ec lite _ 


The anode (positive) is made of carbon ( graphite) and it is surrounded by a steel 
cathode. The electrolyte is a 40:60 mixture, by mass, of sodium chloride and calcium 
chloride. The advantage of using the mixture rather than pure sodium chloride is 
that it melts at a lower temperature (600 °C) than sodium chloride (800 °C). The cost 
of the energy required to keep the cell at the higher temperature would obviously be 
greater, but also at this higher temperature the vapour pressure of the sodium 
becomes dangerously high and also a lot of the sodium dissolves in the electrolyte. A 
possible disadvantage of using the mixture is that there will be two positively charged 
ions (cations) present, Na* and Ca2+, However, at the operating temperature this is 
not a problem, as only a small quantity of calcium is formed and the main product at 
the cathode is sodium which is formed by the electrode reaction: ` 


Nat + e7 >Na 


24.7 The reactive metals, sodium and magnesium are commercially important. The main The product at the anode is chlorine: 

Production and use of sodium is in the production of tetraethyl lead which, as an additive for petrol, is 201-7 — 2e- > Cl, 

uses of the more known as antiknock. It is made by reacting chloroethane with a sodium-lead alloy: f ; ; 

reactive metals The molten sodium floats on the electrolyte and is run off. It is kept separate from the 


Fig. 24.9 The Down’s 
cell for the production of 
sodium 


Molten 
sodium 


Electrolyte (mixture 
. of molten sodium — 
chloride ahd calcium 


chloride) 


Steel gauze 
cylinder 


4C,H,Cl + 4Na/Pb > Pb(C,H,), + 3Pb + 4NaCl 


Antiknock prevents the petrol-air mixture in the cylinder of an engine igniting too 
early. Pollution arising from the use of lead in petrol is discussed in 9.5. 

The main use of magnesium is in the production of special low density alloys with 
other metals such as aluminium. These are used particularly in the aircraft and 
aerospace industry. 

Both sodium and magnesium, being very reactive, are produced by electrolysis. In 
each case the electrolyte contains the chloride of the metal. Sodium chloride is mined 
from rock salt deposits which were formed by the evaporation of seas millions of years 
ago. Magnesium chloride is often extracted from sea water by first precipitating it as 
magnesium hydroxide and then, after filtering it off, reconverting it to the chloride. 

The cells in which molten sodium chloride is electrolysed are based on those 
developed by Down in 1921 which used electricity generated by the Niagara Falls. Fig. 
24.9 is a diagram of the cell. 


Electrolyte Chlorine 


Molten 
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of steel surrounding 
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(cylinder 
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Production and 


aluminium 


chlorine by a steel gauze diaphragm. 

Ninety per cent of the world’s magnesium production is by electrolysis of molten 
magnesium chloride (mixed with other chlorides) using carbon (graphite) anodes and 
cathodes. This process is not used at all in the U.K. due to the high cost of electricity. In 
the north-east of England, magnesium is produced by extracting it from seawater and 
local dolomite (CaCO3.MgCOs) deposits. The dolomite is heated to produce dolime 
(CaO.MgO), which is reacted with the magnesium salts in seawater to form a 
precipitate of magnesium hydroxide. This precipitate is heated to form more 
magnesium oxide. Magnesium metal is obtained by heating the oxide to a high 
temperature (1200°C) with an alloy of silicon and iron: 


2MgO + Si —> SiO, + 2Mg 


Although aluminium is the most abundant metal in the Earth’s crust (Fig. 24.2), it was 
regarded as a rare metal until the electrolytic extraction process was developed in 
1886. Even so the world production (Fig. 24.1) did not exceed 1 million tonnes per year 
until the Second World War. Since the end of the war the world production has 
increased rapidly and is now over 13 million tonnes per year. This means that it is, 
except for iron, the most widely used metal in the world. 

Aluminium is a very useful metal because it can be used to produce alloys which are 
structurally as strong as mild steel and yet its density is about one third of that of steel. 
Another advantage which it has over steel is that it has a high resistance to corrosion. 
This is because of the protective layer of oxide which it develops on its surface, 
whereas most types of steel readily rust unless protected by paint or a layer of another 
metal. As mentioned in 19.11 the layer of oxide can be improved by anodising. After 
this process it is possible to dye the layer so that the finished product has an attractive 
appearance as well as being resistant to corrosion. Coloured anodised aluminium is 
used for making saucepans and wall panels in building construction. Other 
important uses of the metal include the construction of aircraft bodies and parts of 
engines, and in the form of aluminium, foil its most common household use is for 
wrapping food. 

In recent years it has been used to replace copper as an electrical conductor, 
particularly in overhead high-tension cables. Aluminium has a higher conductivity 
per unit mass than copper. If this trend to substitute aluminium for copper continues 
the demand for copper, which is a comparatively rare metal, will be reduced. 
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I} ‘ The main ore of aluminium is bauxite, which contains hydrated aluminium oxide. — Aluminium is produced at the cathode: 
| It is found mainly in tropical areas of the world and known deposits are likely to last | Be a 

into the twenty-first century, but new deposits are likely to be found in more remote oan cloacae i 
| tropical areas. During the last fifteen years extensive deposits have been discovered It collects as a liquid at the bottom of the molten electrolyte from where it can be run- 
ğ | and developed in Australia, and that country has now become the major source of off and allowed to solidify. 
| bauxite. Oxygen is produced at the anodes. The electrode reaction can be represented by: 

Bauxite usually occurs near the surface and is mined by open-cast methods. There 202- iy 

IA are two main steps in the extraction of aluminium from bauxite. The first involves the S aE O eee 


| | extraction of aluminium oxide (alumina) from the bauxite and the second the At the temperature of the cell the oxygen reacts with the carbon anode to produce 
ie) | electrolytic reduction of aluminium oxide to give aluminium metal. During the first carbon dioxide. The anodes are gradually burnt away and have to be replaced at 
| stage the bauxite is heated with hot sodium hydroxide solution under pressure. regular intervals. 


| Aluminium oxide, asit is amphoteric (11.20), dissolves in the sodium hydroxidesolution — 
| | ; by forming sodium aluminate: ` 


Al,O,(s) + 2NaOH (aq) + 3H,O(1) > 2NaAl(OH),(aq) 


Fig. 24.11 A row of cells 


The solution is filtered to remove all the insoluble impurities, which consist mainly of for producing aluminium. 

sand and a red mud containing iron and titanium oxides. The disposal of the red mud See also Fig. 28.5. A 
causes problems. It is usually pumped into the sea or into large ponds. The water which (Courtesy RTZ Services 

is mixed with the mud is still slightly alkaline and could be harmful to aquatic life. Lid) 


Also, if the ponds dry up the resulting red dust can be blown by the wind and cause | 
other environmental problems. Thus, as will be discussed later, the location of the | 
extraction plant is important. 

The solution of sodium aluminate is cooled and after adding some pure hydrated — 
aluminium oxide, which acts as`a seed (it encourages the start of crystallisation), 
hydrated aluminium oxide is precipitated. This is then heated to drive off the water 
and leave pure aluminium oxide. | 

Aluminium oxide is very difficult to reduce and so the next stage of the process, 
which is called the smelting, involves electrolysis. Aluminium oxide is dissolved in 
molten cryolite (sodium hexafluoroaluminate, Na, AIF,) at 900°C. This mixture is 
electrolysed using carbon (graphite) blocks as the. anodes and the carbon lining of the 
container as the cathode, Fig. 24.10. Aluminium is produced at the cathode: 


Fig. 24.10 The 

electrolysis cell for the 

production of aluminium Graphite 
anodes 


Solid crust 
of electrolyte 


Both of the stages could be carried out near the bauxite mine or near the potential 
market for the aluminium. The third possibility, which is the most common procedure, 


Aluminium oxide x ct : ; F 
is that the aluminium oxide could be extracted from the bauxite near the mine and the 


| 
Graphite lining | ] 
|! 


dissolved in acting as : 1 : : ; i 
molten cryolite cathode smelting process is carried out in another location. Figure 24.12 shows the extent to 
which the three processes, mining, alumina extraction and smelting, occur in various 
LLL pact he there Rie ees e 
Cal The factors which have been the major influence on determining the location of the 
_— i| chemical plants differ for different parts of the world. The cost of transporting the ore 
is important because for every tonne of aluminium produced, up to 5 tonnes of 
Molten bauxite have to be processed. 
aluminium Insulator 
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Fig. 24.12 The 
production of bauxite, 
alumina and aluminium 
in selected countries 


Thus, if the ore is to be imported, the extraction plant should be near a deep-sea port so 
that land transport costs are kept to a minimum. The location of the alumina 
extraction process must also be suitable for the disposal of unwanted residue (red mud) 
from the bauxite. It must be possible either to deposit it in the sea where the water is 
very deep, or to convert natural land formations into ponds without involving the 
construction of very costly dams and without using up valuable agricultural land. 
‘Another potential pollution hazard is the possibility of fluorine being present in the 
waste gases from the smelting process. Fluorine is very poisonous and corrosive and 
hence its escape into the atmosphere must be carefully controlled. Unlike the red mud 
problem which involves an inevitable and bulky by-product, technological 
improvements in the treatment of waste gases have been able to minimise the fluorine 


content of the gases. 
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The factor which tended to outweigh other factors when deciding where to build 
smelters was the cost of electricity. For every tonne of aluminium produced, about 
15000 kWh are required (this would run 15 000 one-bar electric fires for one hour). In 
the past this has resulted in aluminium smelters being located near sources of 
hydroelectricity which were capable of producing relatively cheap electricity. In the 
early part of this century two aluminium extraction plants were opened near 
hydroelectric schemes at Fort William and Kinlochleven in Scotland. Similar criteria 
operated in other parts of the world and aluminium has been produced since the early 
days of the industry near the St. Lawrence river system in North America, and in the 
French Alps and Norway in Europe. i 

In more recent years other sources of electricity ‘have competed favourably with 
hydroelectricity. Also some bauxite producing countries, such as Jamaica, are now 
extracting aluminium oxide from the bauxite in their own countries. S 

Social factors which can influence the location of aluminium plants are either 
concerned with the effects of the red mud on the environment or the need to create jobs 
for the local community. Clearly these two factors cah work in opposition to one 
another and a realistic balance between the two must besought. » 
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24.9 
Production of 
iron and steel 


Fig. 24.13 The first > 
bridge to be constructed 
from iron still stands at 
Tronbridge in Shropshire. 
(Courtesy Ironbridge 
Gorge Museum Trust) 


It is interesting to note that in the siting of the only other three extraction plants in 
the United Kingdom, all of ‘which came into operation in the early 1970s, political 
factors were important. The government offered the companies electricity at a 
cheaper rate so long as they built the plants in particular areas. These were areas 
where there was high unemployment and the local economy needed boosting. The 
extraction plants were built at Lynemouth in Northumberland, Invergordon in 
Scotland and in Anglesey in Wales. However, the Invergordon plant was sub- 
sequently considered uneconomic and closed in December 1981. The establishment 
of these extraction plants clearly had some positive social effects for the local 
communities. 


Iron has been made for hundreds of years. by the reduction of oxides. of iron by 
carbon. The two most important starting materials are haematite, Fe,O,, and 
magnetite, Fe,O,. Until the fifteenth century the method of extracting the metal 
consisted of simply heating the ore in a charcoal fire in a shallow pit. The temperature 
in the fire was not sufficiently high to melt the iron and a spongy lump of the metal 
was recovered from the ash. This could then be hammered into tools or weapons. The 
process of hammering the lump removed some of the impurities, so that the final 
product did not corrode too quickly. 

In the fifteenth century the blast furnace came into use. It is thought that the first 
furnace of this type was made in Belgium round about 1400. In the blast furnace a blast 
of air was blown into the mixture of charcoal and iron ore from bellows which were 
usually driven by a waterwheel. The blast produced a much higher temperature in the 
furnace and the iron was melted, the liquid trickling down through the solid in the 
furnace to collect in the hearth at the bottom, As it passed through the solid, the iron 
dissolved carbon from the charcoal and, when it was allowed to solidify, it was hard 
and strong but brittle. 


1 
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Fig. 24.14 Blast 

furnaces at Appleby 
Frodingham showing the 
pipes which lead the waste 
gases away to be burned 
in the stoves. (Courtesy 
Appleby-Frodingham Steel 
Company) 


The metal was usually run into a trench ina sand bed with a number ofside trenches 


leading from the main one. Because this reminded early iron workers of a number of ~ 


piglets being fed by a sow, this sort ofiron was called pig iron, although nowadays itis 
more usually known as cast iron. 

The use of charcoal as the fuel in the smelting of iron in Britain led to large areas of 
the country being stripped of trees. Some furnaces are recorded as having used the 
wood from 150 acres (about 0-6 km?) of forest every year. Since in the time of Elizabeth 
I this wood was also needed for shipbuilding, Parliament had to pass a law, limiting the 
use of wood for making iron. In 1709, however, there came the major discovery which 
was to change completely the making of iron and marked the beginning of the 
Industrial Revolution. In the Shropshire village of Coalbrookdale, Abraham Darby 
found that charcoal could be replaced by coke, made from certain sorts of coal. He 
used coke-smelted iron for making castings from that date onwards. 

By 1760 coke-smelting was being widely used for making cast iron for constructing 
beam engines and as a building material. Cast iron was used in 1779 to make the 
world’s first iron bridge, which is near to Coalbrookdale. It was only after the collapse 
of the Tay Bridge in Scotland, while a train was going over it in a storm a hundred 
years later, that cast iron became unpopular as a building material. 

An important factor which led to Abraham Darby’s success in developing coke- 
smelting was the supply of limestone in the region of his furnaces. The limestone 
absorbs the sand and dirt in the iron ore, forming calcium silicate which, at the 
temperature of the furnace, is melted and can easily be run off as slag: 


CaCO,(s) + SiO,(s) > CaSiO,(1) + CO,(g) 


The present-day furnace, which is called a blast furnace, is shown in Figs. 24.14 
and 24.15. It is a steel cylinder about 10 metres in diameter and up to 60 metres high, 
and is lined with heat-resistant firebrick. Iron ore, limestone and coke are_ 
continuously fed into the top of the furnace and the hot air blast is blown in through . 
nozzles called tuyeres. 
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The two cones at the top of the furnace i 
prevent waste gases escaping, so that thi 
can be used to preheat the blast. The upper cone is lowered to let a solids into the 


space between the cones, and then it is raised again b i ered 
i efore the 
allow the solid to fall into the furnace. F AiR i 


The coke is the reducing agent in the hottest part ichi 
ofthe fi i 
tuyeres and where the temperature is about 1800 eQ: Nea oe 


Fe,0,(s) + 3C(s) > 2Fe(1) + 3CO(g) 


Elsewhere the oxygen is removed from 
by the coke burning in the air blast: 


2C(s) + O(g) > 2C0(g) 


The heat given off in this combustion causes a tem 
h e 5 erature of about s isi 
sufficiently high for the iron to be produced in aE molten sr ther 
Fe,O;(s) + 3CO(g) —> 2Fe(l) + 3CO,(g) 


The iron ore contains some sand i iti ich, i 
ly and dirty impurities, which, if they were not 
crabs: would block the furnace and prevent. it operating passed Avis 
arby s process, the modern furnace uses limestone for the removal of the dirt. The 


limestone decomposes at the temperature of the furnace: 
CaCO,(s) > CaO(s) + CO,(g) 
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the iron by carbon monoxide which is formed 


Fig. 24.16 The basic 
oxygen furnace 


H ji 


The calcium oxide then combines with the impurities which are mainly silicon dioxide 
(silica) to form molten calcium silicate: ` 


CaO(s) + SiO,(s) > CaSiO,(1) 


This trickles down the furnace and collects above the molten iron in the hearth. The 
two liquid layers can be run off from separate tap holes. The calcium silicate is then 
allowed to solidify to form the light grey slag which, after breaking up, is mainly used 
for making road surfaces. The iron is tapped off from the lower tap hole and is usually. 
transported in the molten state directly to the steel-making plant. 

Because the modern blast furnace is being continuously fed with ore, coke, limeston 
and hot air, and because the impurities are being removed from it as slag, it will run 
non-stop for several years until the firebrick lining needs replacing. It can produce 
up to 8000 tonnes of iron every 24 hours. l 

The iron which is produced by the blast furnace contains between 2-5 and 4-5 per 
cent of carbon and this causes the iron to be strong but brittle. It has been known from 
the days of the charcoal blast furnaces that, if a blast of air is blown through molten 
iron, some impurities could be removed and the iron becomes more malleable (easy to 
shape) and less brittle. However, it was not until the late 1850s that methods of 


controlling the amounts of impurities in the iron were developed and steel was 


produced. ` i 
The major breakthrough came in 1856 with the introduction by Henry Bessemer of 


the Bessemer Converter, in which air was blown through molten pig iron. The air | 


removed the impurities (carbon, sulphur, silicon and manganese) by oxidising them. 


Some of the oxides were given off as gases and others floated on the surface of the 


iron. 
Bessemer’s original method is now obsolete, but there is a modern version called th 


basic oxygen furnace. In this furnace oxygen, obtained by distilling liquid air, is 


used rather than the air itself. The oxygen is blown on to the surface of the molten iron 
by means of a water-cooled lance, Fig. 24.16. 
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rnace of 


There are two main typesofoxygen furnace in roces: t 
two steel-producing towns of ihe Donant ah abe the Koade rican 
Bens after the person who developed the method, Kalling, and the place where he 
wor ed, Domnarvet). Although the constructions and operations of the two furnaces 
iffer the processes are essentially the same, Most of the world’s steel is now, produced 


places where the raw materials are (or were) to be found. For example in the U.K. 
rf ee 
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A ee one pie Bea sulphides and being less reactive metals can be 
mıcal reduction processes rather than elect, i i 
rolysis. In the cases of 
and lead the ores are first converted to the oxides by heating in air: cet 


2ZnS(s) + 30, 2ZnO 
zinc blende sg A 28Or(g) 


2PbS 30,(g) > 
pts a) + 30x(g) > 2PbO(s) + 280,(g) 


The oxides are then reduced by heating with coke: 
ZnO(s) + C(s) > Zn(g) + CO(g) 
PbO(s) + C(s) > Pb(l) + CO) 


At the temperatures reached zinc is gi ich i 
t given off as a vapour which is th 
rene whereas lead is molten and the liquid EnA) is run off fom tae REAS j 
€ main ore of copper is copper pyrites, CuFeS,, which contains iron as well as 


4 
Cu,S(s) + O,(g) > 2Cu(l) + SO,(g) 
The impure copper is then refined by electrolysis as described in 19.11. 
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TABLE 24.2 The 
composition and uses of 
some alloys 


24.12 


“metal. When the solution solidifies on cooling, the solid produced is an alloy of the 


An alloy is formed by dissolving an element (usually a metal or carbon) in a moli 


metals. The compositions of some of the common alloys are given in Table 24.2. Alloys 
are used where they have more useful properties than the separate components. For 
example, one of the properties of the alloy solder which makes it more useful than 
separate metals lead and tin, is that it has a lower melting point than either of the p 
metals. This means that it is quicker and easier to use solder for joining pieces of other 
metals, such as copper wires in electrical circuits. q 
Pure metals such as aluminium, iron and copper, are too soft to be used or 
construction purposes, but the introduction of relatively small proportions of other 
elements increases their hardness dramatically. In the crystal lattice of a pure metal 
(16.8) the layers of atoms can move over each other relatively easily and so the meta 
is soft, ductile (can be drawn out into a wire) and malleable (can be beaten ini 
different shapes). When atoms of another element replace a small number of atom: 
of the parent metal in the lattice, they have the effect of making it more difficult for 
the layers of atoms to move over each other and the resulting alloy is harder. ' 
In some cases alloying produces marked changes in chemical as well as physical” 
properties. Perhaps the best known example is the alloying of chromium with iron to 
produce stainless steel which is very resistant to chemical! attack including 
atmospheric corrosion. Stainless steel is used for making cutlery and in lining 
containers used in the chemical industry for holding corrosive liquids. 


| APPROXIMATE, 


ALLOY COMPOSITION SOME USES 

Brass 70% Cu, 30% Zn Ornaments 

Bronze 95% Cu, 5% Sn Bearings ; 
f : 97%, Cu, 2.5% Zn, 0.5% Sn Copper coins 

Panaroma 75%, Cu, 25% Ni Silver coins 

Solder 66% Sn, 34% Pb Joining wires and pipes 

Mild steel 99.8% Fe, 0.2% C Motor car bodies 

Stainless steel 70% Fe, 20% Cr, 10% Ni Cutlery 

Duralium, 96% Al, 4% Cu Kitchen utensils, aircraft 


1. Metals are extracted from minerals which are found in ores. The ores can b 
igneous, sedimentary or metamorphic in origin. F 

2. Mineral resources are finite and we ought to be concerned about the policies fo 
their use and for their conservation. = 

3. The extraction of a metal from a mineral is a reduction process. Less reacti 
metals are extracted by a chemical reducing agent. More reactive metals 
extracted by electrolytic methods. : 

4. Extraction processes may also involve preliminary concentration of the ol e 
roasting of the ore and refining of the metal. 

5. The economic viability of a process is dependent on the balance between thi 
various costs associated with acquiring and processing the mineral, and the like 
selling price and market for the metal. 

6. The location ofa chemical industry is dependent on a balance between economit 
and social /environmental factors. F 

7. Sodium and magnesium are extracted by the electrolysis of their molten chloride 

8. Aluminium is extracted by the electrolysis of its oxide dissolved in molte 
cryolite. i 

9. Iron ore is reduced by heating with coke and limestone to form cast iron, which 
then refined to form steel. ; 

10. Zinc, lead and copper are obtained by chemical reduction processes. 
11. The properties of a metal can be modified by alloying it with other elements. - 
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Investigation 
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Questions 


Chapter 25 


What are the properties of the ich is gi 
gas which is given off 
when concentrated sulphuric acid is reacted with 
(sodium chloride)? ee 
œ You will need pieces of both red and blue litmus paper, a glass rod, small 


volumes of ammonia solution and Silver nitrat i i 
umes e solution, and a piece of glass 
tubing fitted with a rubber teat. j a 


(a) Put sodium chloride into a boiling- 
g-tube to a depth of about 
clamp the tube in a retort stand. f es 
Carefully add enough moderatel i i 
Ce Í y concentrated sulphuric acid t 
boiling-tube just to cover the solid. aan 
Gently warm the boiling-tube with a small Bun: 
Sently w sen flame and test the gas 
which is given off by observing what happens when you: : 
(a) blow across the mouth of the tube, 
(b) hold pieces of moistened red and blue litmus paper in the gas, 
(c) hold a glass rod with a drop of ammonia solution on it in the gas, 
æ (d) hold a glass rod with a drop of silver nitrate solution on it in the gas. 
Questions 1 Which of the above tests.indicate the acidic nature of the moist gas? 
2 Which of the above tests indicate the presence of chloride ions in the 
moist gas? 


œ (b) Fit a short length of dry glass tubing with a teat and, by squeezing the 
teat and then releasing it with the end of the tube inside the boiling-tube 
draw some of the gas into the tube. ; 

Without Squeezing the teat, quickly put the open end of the glass tube 
under water in a small beaker and note what happens to the level of the water 
in the tube. 

Put a drop of the solution from the glass tube on toa piece of blue litmus 

æ% paper. 


Question 3 Is the gas soluble or insoluble? 


What are the properties of hydrochloric acid? 
Hydrochloric acid is a solution of hydrogen chloride in water. 


-. Note what happens when each of the following are added to separate 
portions (about 3 cm?) of dilute hydrochloric acid in a test-tube: 
(a) a few drops of silver nitrate solution. =- 
(b) about 3 cm of magnesium ribbon—test the gas which is P 
with a lighted splint. 
(c) a very small portion of copper(II) oxide—gently warm the mixture for 
e a minute and allow the unreacted copper(ll) oxide to settle. 


1 What are the products of these reactions? 
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ae 
D 
2 Which ofthe metals zing a0. and cobber-weuld you expect natio ma 25.5 Ifyou have had the misfortune to have opened your mouth too wide while swimming 
in a similar manner to magnesium? Where does in the sea and to have swallowed some sea water, you will have had first-hand pr 
A F chlorine come experience of the most common compound of chlorine to be found in our world. The 
Investigation Some reactions of chlorine. PA —— taste of salt in the sea water would be obvious. This compound, sodium chloride, 
25.3 You will need a freshly prepared saturated solution of chlorine in wat is the most abundant compound of chlorine from which the element and a number 
(chlorine water). of its compounds can be obtained. The concentration of salt in the sea water you 
BASS. swallowed is such that each cubic metre contains about 100 kg of salt. This means that 
(a) Pour about 1 cm? of iron(II) sulphate solution into a test-tube. Ade evaporation of all the oceans of the Earth would yield an amount about 15 times the 
about 1 cmĉ of dilute sulphuric acid, followed by about 2 cm? of chlori volume of the entire continent of Europe above sea level. This salt has been known 
water. i j and used since ancient times. The Greeks and Romans used to include it in their 
Note the colour of the resulting solution and test separate portions of offerings to their gods as one of the fruits of the Earth. It was so valuable in those days 
with: that cakes of salt were used as money, 
(a) dilute sodium hydroxide solution, Salt has had two main uses in the past. It was used as a flavouring, as in the baking 
(b)potassium thiocyanate solution. A H of bread, which, without salt, has a flat and insipid taste. It was also used in 
Compare the results of these tests with the results obtained when the sa preserving meat and fish. Bacteria were dehydrated by the salt and were therefore 
reagents are added to separate portions of the original iron(II) sulphate unable to cause the decomposition of the flesh. It was also used to preserve animal x 
æ solution. skins and hides, where it again dehydrated bacteria and removed water from the skin 
rae j } to toughen it. These are still important uses of salt, although its main use now is as a, 
Question 1 What do tests (a) and (b) tell you about the type of iron ions which are starting material for the manufacture of other chemicals. A concentrated solution of 
present in the solution after the reaction with chlorine? i : salt in water, known as brine, is electrolysed to produce chlorine and sodium 
hydroxide. Chlorine is used for the treatment of water and for making plastics, 
œ (b) Pour about 1 cm’ of a freshly prepared solution of sulphur dioxide into } disinfectants, bleaches, hydrochloric’ acid and a host of other compounds. Sodium 
test-tube and add about 2 cm? of chlorine water. Test the resulting solution | hydroxide is used for the production of such things as soap, textile fibres and paper. 
with 1 cm? of dilute hydrochloric acid and a few drops of barium chlorid A very large and important chemical industry is associated with the products which 
fielon j are made directly or indirectly from salt. Some ofthe processes which are used are dealt 
@ solu aig es 
with in more detail in later chapters. , 


| 
Question 2 Asolution of sulphur dioxide contains some sulphite ions (SO3?-(aq)) This chapter is mainly concerned with the chemical and physical properties of two 
Which ions are shown to be present by the barium chloride test? j of the products, namely, chlorine and hydrogen chloride. 
I | 


æ (c) Pour 2cm® of chlorine water into a test-tube and add about 2 ci Fig. 25.1 Salt is used in 


æ of hydrogen sulphide solution. | the production of bacon. 
| The photograph shows sides 
Questions 3 What is the yellowish-white product of the reaction likely to be? of pork soaking in a vat of 
4 All three of the above reactions of chlorine may be classified as the sami salt solution. (Courtesy 
type of reaction. What is this type of reaction called? | Danish Agricultural 
Producers). 
Invéstigation How does chlorine react with alkalis? 
25.4 œ You will need freshly prepared chlorine water. 
(a) Pour chlorine water into two test-tubes to a depth of about 2 cm. Add 
about 3 cm of magnesium ribbon to one test-tube and a few drops of silver 
@ Nitrate solution to the other. 
Question Using the results of these two tests, what is the name of one substance which 
is present in a solution of chlorine? 
æ (b) Put about 2 cm® of chlorine water into a small basin and test the solution -- : 
with a piece of red litmus paper. if = l 
Add about 2 cm° of dilute sodium hydroxide solution and re-test te 256 Hydrogen chloride is a gas at room temperature and as it can be prepared from 
Solution with red litmus paper. f „a Hydrogen common salt (sodium chloride) it was originally called ‘salt gas’. 
Now add about 4 cm? of dilute sulphuric acid to the solution in the basit chloride a : 
DE ete apar T aok at 25.1 1in this chapterto see hoa oddati sulphuric acid, which has a low volatility (i.e. a low tendency to 
ion gi Its, , $ ; ʻe, 
S p an on oian Mern aceno to yout results evaporate), will produce hydrogen chloride from sodium chloride: 
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The main ore of aluminium is bauxite, which contains hydrated aluminium oxide. Aluminium is produced at the cathode: ; ‘ae x 
It is found mainly in tropical areas of the world and known deposits are likely to last EEN z 
into the twenty-first century, but new deposits are likely to be found in more remote Š DEE e 
tropical areas. During the last fifteen years extensive deposits have been discovered 
and developed in Australia, and that country has now become the major source of 


It collects as a liquid at the bottom of the molten electrolyte from where it can be run- 
off and allowed to solidify. 


bauxite. Oxygen is produced at the anodes. The electrode reaction can be represented by: 
Bauxite usually occurs near the surface and is mined by open-cast methods. There 20 40 
i E F eA 5 = = = 
are two main steps in the extraction of aluminium from bauxite. The first involves the _ 2 


extraction of aluminium oxide (alumina) from the bauxite and the second the At the temperature of the cell the oxygen reacts with the carbon anode to produce 
electrolytic reduction of aluminium oxide to give aluminium metal. During the first carbon dioxide. The anodes are gradually burnt away and have to be replaced at 
stage the bauxite is heated with hot sodium hydroxide solution under pressure. regular intervals. 

Aluminium oxide, asitisamphoteric (11.20), dissolvesin thesodium hydroxidesolution 

by forming sodium aluminate: 


Al,0,(s) + 2NaOH (aq) + 3H,0(1) > 2NaAl(OH),(aq) 


Fig. 24.11 A row of cells 


The solution is filtered to remove all the insoluble impurities, which consist mainly of Jor producing aluminium. é 
sand and a red mud containing iron and titanium oxides. The disposal of the red mud See also Fig. 28.5. 

causes problems. It is usually pumped into the sea or into large ponds. The water which (Courtesy RTZ Services 

is mixed with the mud is still slightly alkaline and could be harmful to aquatic life. Lid) 


Also, if the ponds dry up the resulting red dust can be blown by the wind and cause 
other environmental problems. Thus, as will be discussed later, the location of the 
extraction plant is important. 

The solution of sodium aluminate is cooled and after adding some pure hydrated 
aluminium oxide, which acts as`a seed (it encourages the start of crystallisation), 
hydrated aluminium oxide is precipitated. This is then heated to drive off the water 
and leave pure aluminium oxide. 

Aluminium oxide is very difficult to reduce and so the next stage of the process, 
which is called the smelting, involves electrolysis. Aluminium oxide is dissolved in _ 
molten cryolite (sodium hexafluoroaluminate, Na,AIF,) at 900°C. This mixture is 
electrolysed using carbon (graphite) blocks as the.anodes and the carbon lining of the 
container as the cathode, Fig. 24.10. Aluminium is produced at the cathode: 


Fig. 24.10 The 

“electrolysis cell for the 

production of aluminium Graphite 
: anodes 

Solid crust 

of electrolyte 


| Roth of the stages could be carried out near the bauxite mine or near the potential 


Aluminium oxide Graphite lining i market for the aluminium, The third possibility, which is the most common procedure, 
dissolved in acting as j is that the aluminium oxide could be extracted from the bauxite near the mine and the 
molten cryolite cathode | smelting process is carried out in another location. Figure 24.12 shows the extent to 
which the three processes, mining, alumina extraction and smelting, occur in various 

countries. j 
Morana The factors which have been the major influence on determining the location of the 


chemical plants differ for different parts of the world. The cost of transporting the ore 
is important because for every tonne of aluminium produced, up to 5 tonnes of 4 
bauxite have to be processed. 


aluminium Insulator 
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Fig. 24.12 The 
production of bauxite, 
alumina and aluminium 
in selected countries 


Thus, if the ore is to be imported, the extraction plant should be near a deep-sea port so 
that land transport costs are kept to a minimum. The location of the alumina 
extraction process must also be suitable for the disposal of unwanted residue (red mud) 
from the bauxite. It must be possible either to deposit it in the sea where the water is 
very deep, or to convert natural land formations into ponds without involving the 
construction of very costly dams and without using up valuable agricultural land. 

Another potential pollution hazard is the possibility of fluorine being present in the 
waste gases from the smelting process. Fluorine is very poisonous and corrosive and 
hence its escape into the atmosphere must be carefully controlled. Unlike the red mud 
problem which involves an inevitable and bulky by-product, technological 
improvements in the treatment of waste gases have been able to minimise the fluorine 
content of the gases. 


Australia 
Jamaica 
U.S.A. 


U.S.S.R. 
Guyana 
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The factor which tended to outweigh other factors when deciding where to build 
smelters was the cost of electricity. For every tonne of aluminium produced, about 
15000 kWh are required (this would run 15.000 one-bar electric fires for one hour). In 
the past this has resulted in aluminium smelters being located near sources of 
hydroelectricity which were capable of producing relatively cheap electricity. In the 
early part of this century two aluminium extraction plants were opened near 
hydroelectric schemes at Fort William and Kinlochleven in Scotland. Similar criteria 
operated in other parts of the world and aluminium has been produced since the early 
days of the industry near the St. Lawrence river system in North America, and in the 
French Alps and Norway in Europe. 

In more recent years other sources of electricity ‘have competed favourably with 
hydroelectricity. Also some bauxite producing countries, such as Jamaica, are now 
extracting aluminium oxide from the bauxite in their own countries. 

Social factors which can influence the location of aluminium plants are either 
concerned with the effects of the red mud on the environment or the need to create jobs 
for the local community. Clearly these two factors can work in opposition to one 
another and a realistic balance between the two must be sought. + 
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24.9 
Production of 
iron and steel 


Fig. 24.13 The first ~ 
bridge to be constructed 
from iron still stands at 
Tronbridge in Shropshire. 
(Courtesy Ironbridge 
Gorge Museum Trust) 


It is interesting to note that in the siting of the only other three extraction plants in 
the United Kingdom, all of which came into operation in the early 1970s, political 
factors were important. The government offered the companies electricity at a 
cheaper rate so long as they built the plants in particular areas. These were areas 
where there was high unemployment and the local economy needed boosting. The 
extraction plants were built at Lynemouth in Northumberland, Invergordon in 
Scotland and in Anglesey in Wales. However, the Invergordon plant was sub- 
sequently considered uneconomic and closed in December 1981. The establishment 
of these extraction plants clearly had some positive social effects for the local 
communities. 


Tron has been made for hundreds of years by the reduction of oxides. of iron by 
carbon. The two most important starting materials are haematite, Fe,O,, and 
magnetite, Fe,O,. Until the fifteenth century the method of extracting the metal 
consisted of simply heating the ore in a charcoal fire in a shallow pit. The temperature 
in the fire was not sufficiently high to melt the iron and a spongy lump of the metal 
was recovered from the ash, This could then be hammered into tools or weapons, The 
process of hammering the lump removed some of the impurities, so that the final 
product did not corrode too quickly. 

In the fifteenth century the blast furnace came into use. It is thought that the first 
furnace of this type was made in Belgium round about 1400. In the blast furnace a blast 
of air was blown into the mixture of charcoal and iron ore from bellows which were 
usually driven by a waterwheel. The blast produced a much higher temperature in the 
furnace and the iron was melted, the liquid trickling down through the solid in the 
furnace to collect in the hearth at the bottom. As it passed through the solid, the iron 
dissolved carbon from the charcoal and, when it was allowed to solidify, it was hard 
and strong but brite 


4 
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| 
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Fig. 24.14 Blast 

furnaces at Appleby 
Frodingham showing the 
pipes which lead the waste 
gases away to be burned 
in the stoves. (Courtesy 
Appleby-Frodingham Steel 
Company) 


The metal was usually run into a trench ina sand bed with a number of side trenches 
leading from the main one. Because this reminded early iron workers of a number of 
piglets being fed by a sow, this sort ofiron was called pig iron, although nowadays it is 
more usually known as cast iron. 

The use of charcoal as the fuel in the smelting of iron in Britain led to large areas of 
the country being stripped of trees. Some furnaces are recorded as having used the 
wood from 150 acres (about 0-6 km?) of forest every year. Since in the time of Elizabeth 
I this wood was also needed for shipbuilding, Parliament had to pass a law, limiting the 
use of wood for making iron. In 1709, however, there came the major discovery which 
was to change completely the making of iron and marked the beginning of the 
Industrial Revolution. In the Shropshire village of Coalbrookdale, Abraham Darby 
found that charcoal could be replaced by coke, made from certain sorts of coal. He 
used coke-smelted iron for making castings from that date onwards. 

By 1760 coke-smelting was being widely used for making cast iron for constructing 
beam engines and as a building material. Cast iron was used in 1779 to make the 
world’s first iron bridge, which is near to Coalbrookdale. It was only after the collapse 
of the Tay Bridge in Scotland, while a train was going over it in a storm a hundred 
years later, that cast iron became unpopular as a building material. 

An important factor which led to Abraham Darby's success in developing coke- 
smelting was the supply of limestone in the region of his furnaces. The limestone 
absorbs the sand and dirt in the iron ore, forming calcium silicate which, at the 
temperature of the furnace, is melted and can easily be run off as slag: 


CaCO,(s) + SiO,(s) > CaSiO,(1) + CO,(g) 


The present-day furnace, which is called a blast furnace, is shown in Figs. 24.14 
and 24.15. Itis a steel cylinder about 10 metres in diameter and up to 60 metres high, 
and is lined with heat-resistant firebrick. Iron ore, limestone and coke are 
continuously fed into the top of the furnace and the hot air blast is blown in through 
nozzles called tuyeres. 
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Fig. 24.15 The Blast 
furnace 


- Hot waste gases 
which are burned 

to preheat the 

air for the furnace 


Solids loaded 
into the furnace 
by a double 
cone device Ww 
laste gases 
Mixture of 
ore, coke A 
and limestone Steel, lined with 
\ firebrick 
Hot air forced in 
Tap hole for through tuyeres 
ee 
molten slag Tap hole for 


molten iron 


The two cones at the top of the furnace prevent waste i 
gases escaping, so that th 

can be Da to bein the blast. The upper cone is lowered to let the solids into the 
space between the cones, and then it is raised again before the | i 

allow the solid to fall into the furnace. . Pe ne ee 

The coke is the reducing agent in the hottest ich i i 
part of the furnace which 
tuyeres and where the temperature is about 1800°C: ORE ADE 


Fe,O,(s) + 3C(s) > 2Fe(l) + 3CO(g) 


Elsewhere the oxygen is removed from the iron by carbon monoxid ich i 
by the coke burning in the air blast: i OO ee 


2C(s) + O(g) > 2CO(g) 


The heat given offin this combustion causes a temperature of about 1200°C and this is 
sufficiently high for the iron to be produced in the molten state: 


Fe,O,(s) + 3CO(g) > 2Fe(l) + 3CO,(g) 


The iron ore contains some sandy and dirty impurities, which, if they were not 
removed, would block the furnace and prevent it operating continuously. As in 
Darby’s process, the modern furnace uses limestone for the removal of the dirt. The 
limestone decomposes at the temperature of the furnace: 


CaCO,(s) > CaO(s) + CO,(g) 
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Fig. 24.16 The basic 
oxygen furnace 


The calcium oxide then combines with the impurities which are mainly silicon dioxide 
(silica) to form molten calcium silicate: 
CaO(s) + SiO,(s) > CaSiO,(1) 


This trickles down the furnace and collects above the molten iron in the hearth. The 
two liquid layers can be run off from separate tap holes. The calcium silicate is ne 
allowed to solidify to form the light grey slag which, after breaking up, is mainly = 
for making road surfaces. The iron is eee fom Seopa sap hole and is usually 
in the molten state directly to the steel-making plant. A 
A modern blast furnace is ook continuously fed with ore, coke, limestone 
and hot air, and because the impurities are being removed from it as slag, it will run 
non-stop for several years until we firebrick lining needs replacing. It can produce 
nes of iron every 24 hours. 
a ERI is alee ghey by the blast furnace contains between 2:5 and 4-5 per 
cent of carbon and this causes the iron to be strong but brittle. It has been known a 
the days of the charcoal blast furnaces that, if a blast of air is blown through molten 
iron, some impurities could be removed and the iron becomes more malleable ey 2 
shape) and less brittle. However, it was not until the late 1850s that Ta oi 
controlling the amounts of impurities in the iron were developed and was 
E breakthrough came in 1856 with the introduction by Henry Bessemer of 
the Bessemer Converter, in which, air was blown through molten pig iron. The air 
removed the impurities (carbon, sulphur, silicon and manganese) by oxidising them. 
Some of the oxides were given off as gases and others floated on the surface of the 
Beales original method is now obsolete, but there is amodern version called the 
basic oxygen furnace. In this furnace oxygen, obtained by distilling liquid air, is 
used rather than the air itself. The oxygen is blown on to the surface of the molten iron 
by means of a water-cooled lance, Fig. 24.16. 


Oxygen blown onto 
the surface of the 
metal 


Water cooled 
lance 


4 —— Flames and fumes 

from burning impurities 
Tap hole through 

which the steel 

can be poured ae 
by rotating the 

furnace 


Molten iron and 
scrap iron 
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24.10 
Production of 
zinc, lead and 
copper 


The advantages of this method over the original Bessemer method are that the heat - 


generated is so great that a high proportion of scrap iron (up to 30%) can be used. 
The possibility of nitrogen from air being absorbed in the steel is eliminated (nitrogen 
tends to make the steel brittle), and the process is more efficient. A modern furnace of 
this type can convert up to 350 tonnes of iron into steel in 40 minutes. 

There are two main types of oxygen furnace in use, the LD Process (named after the 
two steel-producing towns of Linz and Donawitz in Austria) and the Kaldo Process 
(named after the person who developed the method, Kalling, and the place where he 
worked, Domnarvet). Although the constructions and operations of the two furnaces 
differ the processes are essentially the same. Most of the world’s steel is now produced 
by oxygen furnaces. 

As with other industries based on chemicals, steel works are usually to be found near 
places where the raw materials are (or were) to be found. For example in the U.K., 
Scunthorpe is a steel town because of the nearby deposits of iron ore and the ease with 
which coking coal could be supplied from the northern coalfields. Sheffield’s industry 
grew out of the abundance of local iron ore, woodlands (for charcoal) and streams (for 
water power) and its development was continued by the coal from the South Yorkshire 
coalfield. The Welsh iron and steel industry developed for similar reasons. As the 
supply of local raw materials decreased, the survival of industries in these areas 
depended on the growth of a transport system which would bring the raw materials 
from other areas. Also, in many cases, the special skills which had been developed by 
the workers helped to keep the industries there. This is particularly true of Sheffield, 
which has become known for its production of special steels. 


These three metals all occur ‘as sulphides and being less reactive metals can be 
extracted by chemical reduction processes rather than electrolysis. In the cases of zinc 
and lead the ores are first converted to the oxides by heating in air: 


2ZnS(s) + 30,(g) > 2ZnO(s) + 2SO,(g) 
zinc blende 


2PbS(s) + 30,(g) > 2PbO(s) + 2SO,(g) 
galena 


Thé oxides are then reduced by heating with coke: 

ZnO(s) + C(s) + 'Zn(g) + CO(g) 

PbO(s) + C(s) > Pb(l) + CO(g) 
At the temperatures reached zinc is given off as a vapour which is then cooled and 
condensed, whereas lead is molten and the liquid metal is run off from the furnace, 

The main ore of copper is copper pyrites, CuFeS,, which contains iron as well as 

copper. The process for extracting copper from its ore is more complex than is the case 
with either zinc or lead. After preliminary concentration of the ore and some roasting 
ofit in air, it is heated with sand to convert theiron to a molten slag ofiron silicate. The. 


residue is then heated with a controlled amount of air which oxidises the sulphur 
present but, as copper is so unreactive, it is reduced to the metal: 


1 
Cu,S(s) + O(g) > 2Cu(1) + SO,(g) 
The impure copper is then refined by electrolysis as described in 19.11. = 
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TABLE 24.2 The 
composition and uses of 
some alloys 


are used where they have more useful properties than the separate components. For 
example, one of the properties of the alloy solderwhich makes it more useful than the 
separate metals lead and tin, is that it has a lower melting point than either of the pure 
metals. This means that it is quicker and easier to use solder for joining pieces of other 
metals, such as copper wires in electrical circuits. 

Pure metals such as aluminium, iron and copper, are too soft to be used for 
construction purposes, but the introduction of relatively small proportions of other 
elements increases their hardness dramatically. In the crystal lattice of a pure metal 
(16.8) the layers of atoms can move over each other relatively easily and so the metal 
is soft, ductile (can be drawn out into a wire) and malleable (can be beaten into 
different shapes). When atoms of another element replace a small number of atoms 
of the parent metal in the lattice, they have the effect of making it more difficult for 
the layers of atoms to move over each other and the resulting alloy is harder. 

In some cases alloying produces marked changes in chemical as well as physical 
properties. Perhaps the best known example is the alloying of chromium with iron to 
produce stainless steel which is very resistant to chemica! attack including 
atmospheric corrosion. Stainless steel is used for making cutlery and in lining 
containers used in the chemical industry for holding corrosive liquids. 


APPROXIMATE 
ALLOY COMPOSITION SOME USES 
Brass 70% Cu, 30% Zn Ornaments 
Bronze 95% Cu, 5% Sn Bearings 

. 97% Cu, 2.5% Zn, 0.5% Sn Copper coins 

portai í 75%, Cu, 25% Ni Silver coins 
Solder 66% Sn, 34% Pb Joining wires and pipes 
Mild steel 99.8% Fe, 0.2% C Motor car bodies 
Stainless steel 70% Fe, 20% Cr, 10% Ni Cutlery 
Duralium 96% Al, 4% Cu Kitchen utensils, aircraft 


1. Metals are extracted from minerals which are found in ores. The ores can’ be 
igneous, sedimentary or metamorphic in origin. 

2. Mineral resources are finite and we ought to be concerned about the policies for 
their use and for their conservation. : 

3. The extraction of a metal from a mineral is a reduction process. Less reactive 
metals are extracted by a chemical reducing agent. More reactive metals are 
extracted by electrolytic methods. 

4. Extraction processes may also involve preliminary concentration of the ore, 
roasting of the ore and refining of the metal. 

5. The economic viability of a process is dependent on the balance between the 
various costs associated with acquiring and processing the mineral, and the likely 
selling price and market for the metal. 

6. The location of a chemical industry is dependent on a balance between economic 
and social /environmental factors. 

7. Sodium and magnesium are extracted by the electrolysis of their molten chlorides. 

8. Aluminium is extracted by the electrolysis of its oxide dissolved in molten 
cryolite. 

9. Iron ore is reduced by heating with coke and limestone to form cast iron, which is 
then refined to form steel. 

10. Zinc, lead and copper are obtained by chemicai reduction processes. 

11. The properties of a metal can be modified by alloying it with other elements. 


rit on are the a; of the gas which is given off 
e when concentrated s uric acid is reacted with sal 
(sodium chloride)? i pi 


œ You will need pieces of both red and blue litmus paper, a glass rod, small 
volumes of ammonia solution and silver nitrate solution, and a piece of glass 
tubing fitted with a rubber teat. 


(a) Put sodium chloride into a boiling-tube to a depth of about 1 cm and 
clamp the tube in a retort stand. 
Carefully add enough moderately concentrated sulphuric acid to the 
boiling-tube just to cover the solid. 
Gently warm the boiling-tube with a small Bunsen flame and test the gas 
which is given off by observing what happens when you: 
(a) blow across the mouth of the tube, 
(b) hold pieces of moistened red and blue litmus paper in the gas, 
(c) hold a glass rod with a drop of ammonia solution on it in the gas, 
æ (d) hold a glass rod with a drop of silver nitrate solution on it in the gas. 
Questions 1 Which of the above tests.indicate the acidic nature of the moist gas? 
2 Which of the above tests indicate the presence of chloride ions in the 
moist gas? 


œ (b) Fit a short length of dry glass tubing with a teat and, by squeezing the 
teat and then releasing it with the end of the tube inside the boiling-tube, 
draw some of the gas into the tube. 

Without squeezing the teat, quickly put the open end of the glass tube 
under water in a small beaker and note what happens to the level of the water 
in the tube. 

Put a drop of the solution from the glass tube on to a piece of blue litmus 

<% paper. 


Question 3 Is the gas soluble or insoluble? 


ei cpa What are the properties of hydrochloric acid? 
Hydrochloric acid is a solution of hydrogen chloride in water. 


œ Note what happens when each of the following are added to separate 
portions (about 3 cm?) of dilute hydrochloric acid in a test-tube: 
(a) a few drops of siJver nitrate solution. ; 
(b) about 3 cm of magnesium ribbon —test the gas which is Wanton 
with a lighted splint. 
(c) avery small portion of copper(I!) oxide—gently warm the mixture for 
ty a minute and allow the unreacted copper(I!) oxide to settle. 


Questions 1 What are the products of these reactions? 
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24.11 An alloy is formed by dissolving an element (usually a metal or carbon) in a molten Chapter 25 x a 
Alloys metal. When the solution solidifies on cooling, the solid produced is an alloy of the two k 
metals. The compositions ofsome of the common alloys are given in Table 24.2. Alloys 


Investigation 
25.3 


Question 


Question 


Questions 


Investigation 
25.4 


Question 


= 


2 Which of the metals, zinc, iron and copper, would you expect not to react 
in a similar manner to magnesium? 


Some reactions of chlorine. 


You will need a freshly prepared saturated solution of chlorine in water 
(chlorine water). 


(a) Pour about 1 cm? of iron(II) sulphate solution into a test-tube. Add 
about 1 cm of dilute sulphuric acid, followed by about 2 cm? of chlorine 
water. 

Note the colour of the resulting solution and test separate portions of it 
with: 

(a) dilute sodium hydroxide solution, 

(b) potassium thiocyanate solution. 

Compare the results of these tests with the results obtained when the same 
reagents are added to separate portions of the original iron(II) sulphate 
solution. 


1 What do tests (a) and (b) tell you about the type of iron ions which are 
present in the solution after the reaction with chlorine? 


(b) Pour about 1 cm? of a freshly prepared solution of sulphur dioxide into a 
test-tube and add about 2 cm’ of chlorine water. Test the resulting solution 
with 1 cm? of dilute hydrochloric acid and a few drops of barium chloride 
solution. 


2 A solution of sulphur dioxide contains some sulphite ions (SO32~(aq)). 
Which ions are shown to be present by the barium chloride test? 


(c) Pour 2 cm? of chlorine water into a test-tube and add about 2 cm? 
of hydrogen sulphide solution. 


3 What is the yellowish-white product of the reaction likely to be? 
4 All three of the above reactions of chlorine may be classified as the same 
type of reaction. What is this type of reaction called? 


How does chlorine react with alkalis? 
You will need freshly prepared chlorine water. 


(a) Pour chlorine water into two test-tubes to a depth of about 2cm. Add 
about 3 cm of magnesium ribbon to one test-tube and a few drops of silver 
nitrate solution to the other. 


Using the results Of these two tests, what is the name of one substance which 
is present in a solution of chlorine? 


(b) Put about 2 cm? of chlorine water into a small basin and test the solution 
with a piece of red litmus paper. 

Add about 2 cm? of dilute sodium hydroxide solution and re-test the 
solution with red litmus paper. 

Now add about 4 cm? of dilute sulphuric acid to the solution in the basin 
and re-test with red litmus paper. Look at 25.11 in this chapter to see how the 


æ explanation given there accounts for your results. 


Fig. 25.1 Salt is used in 
the production of bacon. 


The photograph shows sides 
of pork soaking in a vat of 


Salt solution. (Courtesy 
Danish Agricultural 
Producers). 


25.6 
chloride 


Ifyou have had the misfortune to have opened your mouth too wide while swimming 
in the sea and to have swallowed some sea water, you will have had first-hand 
experience of the most common compound of chlorine to be found in our world. The 
taste of salt in the sea water would be obvious. This compound, sodium chloride, 
is the most abundant compound of chlorine from which the element and a number 
of its compounds can be obtained. The concentration of salt in the sea water you 
swallowed is such that each cubic metre contains about 100 kg of salt. This means that 
evaporation of all the oceans of the Earth would yield an amount about 15 times the 
volume of the entire continent of Europe above sea level. This salt has been known 
and used since ancient times. The Greeks and Romans used to include. it in their 
offerings to their gods as one of the fruits of the Earth. It was so valuable in those days 
that cakes of salt were used as money. 

Salt has had two main uses in the past. It was used as a flavouring, as in the baking 
of bread, which, without salt, has a flat and insipid taste. It was also used in 
preserving meat and fish. Bacteria were dehydrated by the salt and were therefore 
unable to cause the decomposition of the flesh. It was also used to preserve animal 
skins and hides, where it again dehydrated bacteria and removed water from the skin 
to toughen it. These are still important uses of salt, although its main use now is as a. 
starting material for the manufacture of other chemicals. A concentrated solution of 
salt in water, known as brine, is electrolysed to produce chlorine and sodium 
hydroxide. Chlorine is used for the treatment of water and for making plastics, 
disinfectants, bleaches, hydrochloric’ acid and a host of other compounds, Sodium 
hydroxide is used for the production of such things as soap, textile fibres and paper. 

Avery large and important chemical industry is associated with the products which 
are made directly or indirectly from salt. Some of the processes which are used are dealt 
with in more detail in later chapters. 

This chapter is mainly concerned with the chemical and physical properties of two 
of the products, namely, chlorine and hydrogen chloride. - 
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Hydrogen chloride is a gas at room temperature and as it can be prepared 
common salt (sodium chloride) it was originally called ‘salt gas’: 


Preparation 
Concentrated sulphuric acid, which has a low volatility (i.e. a low tendency to 
evaporate), will produce hydrogen chloride from sodium chloride: 


NaCl(s) + H,SO,(1) > NaHSO,(s) + HCl(g) 


This reaction is an example of the general principle that concentrated sulphuric acid 
will displace more volatile acids from their salts (22.12). Thus hydrogen chloride may 
\ also be prepared by the action of concentrated sulphuric acid on other metal chlorides. 
If moderately concentrated sulphuric acid is used the reaction is more easily t 
controlled by gently heating the mixture (Fig. 25.2). The hydrogen chloride which is 
given off can be dried by passing it through concentrated sulphuric acid and then 
collected by downward delivery. 
Fig. 25.2 The 
preparation and collection 
of dry hydrogen chloride 


Moderately 
concentrated — 
sulphuric acid 


Fig. 25.3 The Fountain 
Experiment 


Sodium 
chloride 


Hydrogen chloride 


Concentrated 
sulphuric acid 


Physical properties 

Hydrogen chloride is a colourless gas which is slightly more dense than air. The fact 
thatithas such a low boiling point (— 85°C) and that the perfectly dry gas is not acidic, 
indicate that hydrogen and chlorine atoms are covalently bonded. 

The gas is extremely soluble in water (1 volume of water will dissolve about 500 
volumes of hydrogen chloride at 0°C). Such a high solubility indicates that the i 
hydrogen chloride is reacting with the water. The resulting solution is acidic and is l 
known as hydrochloric acid. The nature of this solution is discussed in more detail in 
25.7. The misty appearance of hydrogen chloride in moist air is due to hydrogen 


chloride gas and water vapour in the air condensing together to form tiny droplets of 
hydrochloric acid. : 
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The high solubility of the gas can be convincingly demonstrated by the Fountain 
Experiment. A round flask is filled with dry hydrogen chloride gas, by downward 
delivery, either from a cylinder of the gas or using the generating apparatus described 
earlier. The bung, fitted with tubes as shown in Fig. 25.3, is inserted. Then the flask 
is positioned as shown, so that the long tube reaches almost to the bottom of the beaker. 
When the teat is squeezed, water is forced into the flask. This dissolves enough of the 
gas to create a partial vacuum within the flask, and water is then pushed up the long 
tube to produce a fountain at the top. As the water enters, the litmus changes from blue 
to red. The fountain continues until only a little air is left in the top of the flask. 


Reactions of hydrogen chloride 

1. Moist blue litmus paper is turned red by the gas, but perfectly dry litmus paper 
shows no change of colour when brought into contact with a perfectly dry sample of 
the gas. This shows that hydrogen chloride forms an acidic solution when it meets 
water. | 


Jet 


Dry hydrogen 
chloride 


Teat filled 
with water 


Water containing 
blue litmus 
solution 


\2, When hydrogen chloride gas comes into contact with ammonia, a white smoke is 
\ formed. The smoke consists of tiny solid particles of ammonium chloride: 
NH,(g) + HCl(g) > NH,Cl(s) 


Hydrogen chloride is-acting as an acid by combining with the base, ammonia, to 
form a salt. 

3. Ifa drop of silver nitrate solution is held in the gas on the end of a glass rod, the 
liquid turns white and opaque, owing to the formation of a precipitate of insoluble 
solid silver chloride: 


HCl(g) + AgNO,(aq) > AgCl(s) + HNO,(aq) 


When hydrogen chloride dissolves in the water in the silver nitrate solution, it forms 
chloride ions which bine with the silver ions from the silver nitrate to form 
solid silver chloride: 


Ag*(aq) + Cl-(aq) > AgCl(s) 
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Fig. 25.4 Dissolving 
hydrogen chloride 


Gas S) Suck-back 


Water — 


Fig. 25.5 The heat 
change when hydrogen 
chloride dissolves in water 


Hydrochloric acid is an aqueous solution of hydrogen chloride. 


Preparation of hydrochloric acid 

There is a special technique for preparing a solution of a very soluble gas. Ifa narrow 
delivery tube were led directly into water, as in Fig. 25.4(a), the great solubility of the 
gas would cause a suck-back of water up the tube and into the apparatus (as in the 
fountain experiment). Two ways ofovercoming this problem are shown in Fig. 25.4(b) 
and 25.4(c). In both cases, a large surface area of water is presented to the gas, so thatit 
dissolves efficiently. When ‘suck back’ tries to occur, air enters to relieve the vacuum. 


Gas —= 


Air enters 


(b) (c) 


The nature of hydrochloric acid ; 
Concentrated hydrochloric acid is a saturated solution of hydrogen chloride and smells 
very strongly of the gas. It contains about 35% by mass of hydrogen chloride 


(compared to concentrated sulphuric acid which is 98% by mass sulphuric acid). 
Hydrochloric acid of any concentration is a colourless liquid. When it is boiled, it 
leaves no residue as the solute is volatile. 

When hydrogen chloride dissolves in water, heat is given out. This may be 
demonstrated by preparing a gas-jar of dry hydrogen chloride, and then dipping into 
the gas a thermometer whose bulb is surrounded by cotton wool moistened with water 
and secured with a rubber band (Fig. 25.5). As the gas dissolves in the water the 
thermometer reading rises, sometimes to as high as 70°C. If the experiment is tried 
using solvents such as tetrachloromethane or methylbenzene, no temperature rise 
occurs, even though hydrogen chloride does dissolve in these solvents. 


Thermometer 


Dry hydrogen 
chloride 


Moist 
cotton wool 
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These observations indicate that a reaction is taking place when hydrogen chloride 
dissolves in water. The solution of hydrogen chloride in water conducts electricity 
whereas the solutions in the other solvents do not. Therefore the dissolving of covalent 
hydrogen chloride in water produces a solution containing ions. The dissociation 
(splitting up) of hydrogen chloride molecules into ions can be represented by the 
equation: 


HCl(g) > H*(aq) + Cl-(aq) 


This equation does not show why the water is necessary for this ionisation to occur 
and a more accurate explanation brings the water into the equation: 


HCl(g) + H,O(l) > H,O+(aq) + Cl-(aq) 
hydroxonium 
ion 


It is the hydration of the hydrogen ion (H+) to form the hydroxonium ion (H,O+) 
which is so strongly exothermic. For convenience it is usual to write Ht(aq) in 
equations rather than H,O+ (aq). i 

Hydrochloric acid is called a strong acid /because in dilute solution almost all the 
hydrogen chloride molecules are dissociated into ions (11.14). This is why dilute 
hydrochloric acid does not smell of hydrogen chloride. 


Reactions of hydrochloric acid 

As explained above, hydrochloric acid is a strong acid and so it behaves as other 
strong acids do with metals, bases and carbonates. 

1. Metals above hydrogen in the reactivity series liberate hydrogen from the acid, 


e.g. Zn(s) +` 2HCl(aq) > ZnCl(aq) + H,(g) 
or Zn(s) + 2H*(aq) > Zn*+(aq) + H,(g) 


Copper will not liberate hydrogen from the acid. 

An important point arises with some metals such as iron and tin which each form 
two chlorides. When these metals react with hydrochloric acid (or if they are heated in 
hydrogen chloride gas) the lower chloride is formed. Thus iron forms iron(II) 
chloride, and tin forms tin(II) chloride, 


e.g. Fe(s) + 2HClI(aq) > FeCl,(aq) + H,(g) 
2. Bases react with hydrochloric acid forming chlorides and water, 
eg. CuO(s) + 2HCl(aq) + CuCl,(aq) + H,O(1) 
NaOH(aq) + HCl(aq) —> NaCl(aq) + H,O(1) 
Carbonates react with the acid to produce chlorides, carbon dioxide and water, 
e.g. CaCO,(s) + 2HCl(aq) > CaCl, (aq) + CO,(g) + H,O(1) 


It is important to note that ‘dilute’ and ‘concentrated’ hydrochloric acid are both 
aqueous solutions, and have the same chemical properties. The only difference in 
behaviour is that the more concentrated acid will react more rapidly. This is not true of 
the other common acids, sulphuric acid and nitric acid. In these cases the concentrated 
acids have different properties from the dilute acids. 


Most metal chlorides are soluble in water, the common exceptions being silver 
chloride (AgCI) and lead (II) chloride (PbCl,). Chlorides in aqueous solution may 
be detected by the fact that they give a white precipitate with silver nitrate solution, 


` 
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NaCl(aq) + AgNO,(aq) > AgCl(s) + NaNO,(aq) 
sodium silver silver sodium 
chloride nitrate chloride nitrate 
(insoluble) 


This is a test for chloride ions, and the reaction can be represented by the ionic 
equation: 


Agt(aq) + Cl(aq) > _AgCl(s) 
silver ion chloride ion silver chloride 


The test is, of course, positive for hydrochloric acid itself since the solution contains 
H*(aq) ions and Cl~(aq) ions. 

One experimental precaution is important, however. If an unknown solution is 
being tested it must first be made acidic by the addition of dilute nitric acid before the 
silver nitrate solution is added. This is to guard against false positive results from 
solutions which do not contain chloride ions. For example, addition of silver nitrate 
solution to a solution containing carbonate ions will result in a precipitate of silver 
carbonate. However, this precipitate will not appear if the solution is first acidified 
with nitric acid. Silver chloride, however, will be precipitated in the presence of nitric 


acid. 
25.9 Chlorine, which is a yellowish gréen gas, is the niost common and most widely used 
Chlorine member of the family of elements known as the Halogens which make up Group 7 


of the Periodic Table. The similarities and trends within this group of elements are 
discussed in Chapter 26. 
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Fig. 25.6 The 
preparation and ċollection 


of dry chlorine - Water Concentrated 
sulphuric acid 
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In order to convert hydrochloric acid (or hydrogen chloride) into chlorine, it is 
necessary to remove the hydrogen. Removal of hydrogen is an example of oxidation. 
Therefore, if hydrochloric acid is reacted with a sufficiently powerful oxidising agent, 
it will be converted into chlorine. Such a reaction could be represented by the simple 
equation: 


[O] + 2HCI(aq) > H,O(1) + Ci,(g) 


The symbol [O] represents the oxygen provided by the oxidising agent. It is 
represented in this way because it is never actually free as the element. 
Tonically, the oxidation can be represented by: é 


2Cl-(aq) — Cl,(g) + 2e- 


Concentrated hydrochloric acid is oxidised to chlorine by manganese(IV) oxide, 
lead(IV) oxide and potassium manganate(VII) (potassium permanganate). The 
latter is the most convenient reagent, as the reaction, unlike the others, requires no 
heat. The flow of chlorine can be controlled by the rate of addition of the 
concentrated acid to the solid potassium manganate(VII). 

The equations for the reactions are: 


MnO,(s) + 4HCl(aq) > MnCl,(aq) + 2H,O(1) + | Cl,(g) 
PbO,(s) + 4HCl(aq) > PbCl,(aq) + 2H,O(1) + Cl,(g) 
2KMn0O,(s) + \6HCl(aq) > 2KCl(aq) + 2MnCl,(aq) + 8H,O(1) +. 5Cl,(g) 


Note the similarity of the first two equations. It is unlikely that you will need to 
remember the potassium manganate(VII) equation. 

Figure 25.6 shows the apparatus for the preparation and collection of chlorine by the 
manganese(IV) oxide method. The reaction should be done in a fume-cupboard since 
chlorine is very poisonous. ; 

The first wash-bottle, containing water, is necessary to remove hydrogen chloride 
gas which has escaped oxidation. The second bottle, containing concentrated 
sulphuric acid, is to dry the chlorine. The gas is much denser than air and so it is 
collected by downward delivery. The green colour of the gas shows when the jar is full. 


Physical properties of chlorine 
Chlorine is a pale green gas which is denser than air. It is easily liquefied, without 
cooling, by simply compressing the gas. Liquid chlorine can be easily stored and 
transported in steel cylinders. It has a suffocating and irritating smell and it becomes 
intolerable at quite small concentrations. It is extremely poisonous, and should be 
treated with great caution.» 

Chlorine is moderately soluble in water and its solution is known as chlorine water. 


Reactions of chlorine 
The usual test for chlorine is that it will bleach moist red or blue litmus paper. This 
bleaching action is discussed in more detail in 25.10. 

Chlorine, being a member of Group 7 of the Periodic Table, is a non-metal. A 
knowledge of its electron arrangement (2.8.7) enables the way in which chlorine 
combines with other elements to be explained. This is either by the acceptance of a 
single electron to form a chloride ion (C17 ) as when chlorine reacts with some metals, 
e.g. sodium, 


Nadncctite oc Clty m Nas CLs 


Fig. 25.7 The reaction of 
chlorine with iron 


chlorine za YA 


chlorine 


or by the formation of a single covalent bond from the unpaired chlorine electron and 
an unpaired electron from an atom of another non-metal, e.g. hydrogen, 
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All the reactions described in the following section can be explained either by the 
formation of a Cl- ion, or a single covalent bond with each chlorine atom. The 
reactions of chlorine also may be interpreted as the reduction of chlorine, 


2Cl, + 2e- > 20l- 
and H, + Cl, > 2HCI (addition of hydrogen) 


The reduction of the chlorine must always be accompanied by the oxidation of the 
other reactant. 


1. Direct combination with elements 
Chlorine is a highly reactive element and combines directly with most metals and with 
many non-metals. 

A piece of sodium, heated on a deflagrating spoon until it starts to burn, will 
continue to burn when lowered into a jar of chlorine. White clouds of sodium 
chloride are produced: 


(addition of electron) 


2Na(s) + Cl,(g) > 2NaCl (s) 


Similarly magnesium will continue to burn forming magnesium chloride. 


Iron wool 


za —— Excess chlorine 


to fume chamber 


Heat 


Less reactive metals are more conveniently heated in a current of dry chlorine using 
a combustion tube apparatus such as that in Fig. 25.7. The method can be used to 
prepare the anhydrous chlorides ofiron, aluminium, zinc, tin and copper, the product 
in each case being formed as a vapour which condenses in the cooler part of the tube. 

Ifa metal can form two chlorides, the chloride which contains the most chlorine is 
formed. For example, iron forms iron(III) chloride (FeCl,) rather than iron(II) 
chloride (FeCl,) : 


2Fe(s) + 3Cl,(g) > 2FeCl,(s) 


A piece of the non-metal phosphorus, in its white (yellow) form, will burn 
spontaneously when lowered on‘a deflagrating spoon into a jar of chlorine. It gives 
whitish fumes of phosphorus(III) chloride and phosphorus(V) chloride, 


P,(s) + 6Cl,(g) => 4PCI,(1) 
and P,(s) + 10Cl,(g) > 4PCl,(s) 
Other non-metals, such as sulphur and hydrogen, will burn in chlorine. For example, 
ifhydrogen, preferably from a cylinder, is ignited at the jet ofa glass tube bent upwards 
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Figure 25.8 Burning 
hydrogen in chlorine 


as shown in Fig. 25.8, and then lowered into a jar of chlorine, the hydrogen continues 
to burn with a white flame. The green colour of chlorine disappears and the 
characteristic misty fumes of hydrogen chloride can be seen: 


H,(g) + Cl,(g) > 2HCl(g) 
Hydrogen—>= 
Dry chlorine 


Jet 


A mixture of hydrogen and chlorine will explode if subjected to an electric spark or 
exposed to ultra-violet light. 

All of the aboye reactions of chlorine with other elements can be considered as 
involving the reduction of chlorine and the oxidation of the other reactant. 


2. Reactions with compounds 
In all of these reactions, chlorine is acting as an oxidising agent. At the same time the 
chlorine is always reduced to a chloride. 

It is often more convenient to use chlorine water, which reacts in just the same way 
as the gas. 


Iron(II) salts 
If chlorine water is added to iron(II) chloride solution, iron(II) chloride is formed. 
The overall change is, 


2FeCl,(aq) + Cl,(aq) —> 2FeCl,(aq) 


oxidation 
or 
2Fe?*+(aq) + Cl(aq) > 2Fe%+(aq) + 2Cl-(aq) 
| t 


reduction 


The addition of sodium hydroxide solution to the product produces a rusty brown 
precipitate of iron(II) hydroxide, or the addition of potassium thiocyanate solution 
produces a deep red colour. Either of these two tests show that Fe?+ ions were formed in 
the reaction with chlorine. The same reaction takes place whatever iron(II) salt is 
used. 


Sulphurous acid and sulphites 

If a solution of sulphur dioxide, which contains sulphurous acid (H,SO,), or an 
acidified solution of sodium sulphite (Na,SOs) is treated with chlorine, oxidation to 
sulphuric acid or a sulphate occurs, 
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Fig. 25.9 Action of light 
on chlorine water 


Pe 


H,SO,(aq) + H,O(1) + Cl,(aq) > H,SO,(aq) + 2HCl(aq) 
and Na,SO,(aq) + H,O(1) + Cl(aq) — Na,SO,(aq) + 2HCl(aq) , 
or 


oxidation 


| } 
SO} (aq) + H,O(l) + Cl(aq) > SO} (aq) + 2H*(aq) + 2Cl-(aq) 
l SoS 4 


reduction : 
This can be shown to have occurred by the addition of barium chloride solution, which 
reacts with the sulphate ions to form a dense white precipitate of barium sulphate. 
Hydrogen sulphide i 
Ifchlorine and hydrogen sulphide (H,S) are brought together, either directly as gases, 
or in aqueous solution, sulphur is seen to be deposited as a very pale yellow solid, 


H,S(g) + Cl(g) > S(s) + 2HCl(g) 


oxidation 
or H,S(aq) + Cl,(aq) — S(s) + sHC) 


reduction 
Bromides and iodides 
Chlorine will oxidise a solution ofa bromide to a yellow-orange solution of bromine. It 
will oxidise ah iodide to a yellow-brown solution of iodine, 


Cl,(aq) + 2NaBr(aq) > Br,(aq) + 2NaCl(aq) 


or Cl,(aq) + 2Br-(aq) .— Br,(aq) + 2Cl-(aq) 
and Cl,(aq) + 2Nal(aq), > I,(aq) + 2NaCl(aq) 
or Cl(aq) + 2I-(aq) > Iy(aq) + 2CI-(aq) 


These reactions show that chlorine is a more powerful oxidising agent than either 
bromine or iodine. This trend within Group 7 will be discussed in more detail in 
Chapter 26. 


Water (and the bleaching action of chlorine) 

Tfa gas jar of chlorine is dried by allowing a little concentrated sulphuric acid to stand 
in it for a few minutes (very careful shaking will help), and then a piece of dry litmus 
paper is held in the gas, it will remain unbleached. If the litmus paper is then moistened 
and put back in the gas, it will bleach immediately. This shows that the presence of 
water is necessary for chlorine to act as a bleach. 


Gas collects 


ee 
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25.11 

Action of alkali 
on chlorine 
water 


If chlorine water is left in sunlight (or under an ultra-violet lamp) for a day or two in 
an apparatus such as that in Fig. 25.9, the green colour of the chlorine fades. A 
colourless gas collects in the top of the tube. The gas rekindles a glowing splint, 
indicating that it is oxygen. The net change is: 


-igh | 2HCl(aq) + 40.(8) 


Cl(aq) + H,O(1) 
The above equation represents the overall change when chlorine in the presence of 
water liberates oxygen. However, the following properties indicate that the 
representation of chlorine water by Cl, (aq) is an over-simplification. 

If a piece of magnesium ribbon is put into fresh chlorine water, effervescence is 
observed. The gas given off is hydrogen. This indicates that a solution of chlorine in 
water is acidic, that is, it contains H* (aq) ions (this cannot be checked with litmus 
because the litmus is bleached). Also, addition of silver nitrate solution to fresh 
chlorine water gives a white precipitate, showing that chloride ions, Cl~ (aq), are 
present. So this evidence shows that even fresh chlorine water contains some 
hydrochloric acid. The explanation for this is that chlorine undergoes a reversible 
reaction with water, forming two acids: 


Cl, (aq) + H,O(l) = HCl(aq) + HClO(aq) 


The second acid is hypochlorous acid. This is the source of oxygen and is responsible 
for the bleaching action of chlorine weiter: 
HClO(aq) + Dye +> HEl(aq) + Oxidised Dye 
(coloured) (colourless) 
It is worth noting here that if chlorine (in the presence of water) is used for bleaching 


fabrics, then it is essential to rinse the fabric thoroughly afierwards with water in order 
to remove the hydrochloric acid formed during the bleaching process. 


If sodium hydroxide solution is added to chlorine water, the colour and smell of 
chlorine disappear, and the liquid does not bleach litmus (it stays blue). Addition 
of dilute acid then restores the smell of chlorine and the resulting liquid bleaches 
litmus. The explanation of these observations is that the alkali reacts with the two acids 
to form salts: 

2NaOH(aq) + HCl(aq) + HClO(aq) > NaCl(aq) + NaClO(aq) + 2H,O(1) 
The second salt is sodium hypochlorite (sodium chlorate(I)). As the alkali is added and 
the acids are used up, the equilibrium between chlorine and the acids shifts to the 
right: 

Cl,(aq) + H,O(i) = HCl(aq) + HClO(aq) 
This means that all the chlorine is eventually converted into the two salts. When acid 
is added to the mixture of salts, hypochlorous acid is reformed as it is a weak acid: 
H*(aq) + ClO-(aq) = HClO(aq) 

Thus the bleaching action returns. Sodium hypochlorite, available only in aqueous 
solution, is an important commercial substance being, as it were, ‘packaged chlorine’. 
Sodium hypochlorite is the main component of commercial sterilising agents and 
bleaches such as Milton and Domestos. 

A similar substance, less important now than it used to be, is ‘bleaching powder’. 


This is formed by absorbing chl¢grine gas in solid calcium hydroxide (slaked lime). A 
solid substance of complex composition, sometimes written approximately as CaOCl,, 


263 


Ltd) 


25.12 
Manufacture 
and uses of 
hydrogen 
loride and 
chlorine 


Fig. 25.10 A lot of chlorine is used to make the solvents such as tetrachloroethene (perchlorethylene, CCl, CCl.) which are 
used for dry-cleaning clothes. The photographs show the fr.’ and back of a dry-cleaning machine. (Courtesy Niel & Spencer 


is formed. It contains hypochlorite (C1O-) ions, and hence chlorine is released when it 
is treated with acid. 
Action of hot concentrated alkali on chlorine 


Ifa mixture of chlorine and a solution of sodium hydroxide is heated, a further reaction 
occurs and the end products are sodium chloride and sodium chlorate(V) (NaClO,) : 


3Cl, + 6NaCl(aq) > 5NaCl(aq) + NaClO,(aq) + H,O(1) 


Sodium chlorate(V) is used as a non-selective weed killer. Potassium chlorate(V), 
being less hygroscopic, is used for making fireworks, flares and explosive charges 
because on heating chlorates produce oxygen, 


e.g. 2KCI1O,(s) > 2KCl(s) + 30,(g) 


(This reaction is catalysed by the presence of manganese(IV) oxide or, more safely, by 
iron(II) oxide.) 


4 i f 


Both the substances considered in this chapter, hydrogen chloride and chlorine, are 
manufactured on a large scale because of their many uses. Hydrogen chloride is 
produced by direct synthesis: 


He(g) + Cl.(g) > 2HCl(g) 


Its main use is to make hydrochloric acid by being dissolved in water, but it is also used 
to combine with the hydrocarbon ethyne (C,H,) to form monochloroethene: 


C,H,(g) + HCI(g) > H,C = CHC1(1). 


Polymerization of this compound gives the product commonly called polyvinyl 
chloride (PVC) which is an important plastic. Chlorine is manufactured by the 
electrolysis of brine (sodium chloride solution), in which itis liberated at the anode of a 
cell. This process is described more fully in 29.7. 

Many of the uses of chlorine have already been mentioned but in particular it is used 
for making the following substances: 

1, Bleaches (e.g. sodium hypochlorite solution). 
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Fig. 25.11 The water in 
this swimming-pool at 
Bletchley is purified by 
chlorine. (Courtesy ICI 
Ltd Mond Division) 


2. Germicides (germ-killers) which can be used for sterilizing objects. The gasitself ` 
is used to kill harmful bacteria in drinking water and in swimming pool water. 
Disinfectants are also germ-killers and two of the most common ones are chlorine 
compounds, TCP is trichlorophenol and the chemical name for Dettol is 4-chloro-3, 
5-dimethylphenol. 

3. Sodium chlorate (V) for use as a weedkiller, 

4. Pesticides: DDT (dichlorodiphenyltrichloroethane) was developed for use in 
jungle warfare during the Second World War, but it is not so widely used today 
because it has been found to be poisonous to wildlife; BHC (benzene hexachloride) is 
made by passing chlorine into benzene on which ultra-violet light is directed and it is 
particularly valuable in the fight against the locust. 

5. Solvents, such as tetrachloroethene which is used for the dry cleaning of clothes. 

6. Hydrogen chloride and hydrochloric acid and a large number of other 


1, The action of concentrated sulphuric acid on an ionic chloride produces hydrogen 
chloride. 

2. Hydrogen chloride is very soluble in water, forming hydrochloric acid. 

3. In the presence of water the covalent hydrogen chloride molecules split into ions 
and the solution reacts as an acid with metals, bases and carbonates, forming as one 
of the products in each case a chloride. 

4. A solution of hydrogen chloride in water contains chloride ions. This can be shown 
by the action of silver nitrate solution which forms a white precipitate of silver 
chloride. 

5. Hydrochloric acid can be oxidised to chlorine by an oxidising agent such as 
potassium manganate(VII) or manganese(IV) oxide. 

6. Chlorine combines directly with many elements, forming chlorides. 

7. Because of its ability to accept electrons, chlorine is a vigorous oxidising agent and 
oxidises iron(II) salts, sulphites, sulphides, bromides and iodides, 

8. Chlorine combines with water to form a mixture of acids, hydrochloric acid and 
hypochlorous acid which is an oxidising agent. This solution, called chlorine water, 
bleaches certain dyes by oxidising them. 

9. Chlorine dissolves rapidly in cold sodium hydroxide solution, forming in solution a 
mixture of sodium hypochlorite (sodium, chlorate(I)) and sodium chloride. When’ 
the sodium hydroxide solution is hot, the products are sodium chlorate(V) and 
sodium chloride. 
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Chapter 26 


Investigation 
26.1 


Question 


Question 


Questions 


The halogens 


Do bromine and iodine resemble chlorine in their 
reactions with dilute sodium hydroxide solution? 


Instructions for investigating the reactions of chlorine with alkali are given in 
25.4. 


œ You will:need a clean glass rod and a piece of red litmus paper. Pure bromine 
is too dangerous to use so you will need a solution of bromine in water 
(bromine water). 


(a) Put about 1 cm? of bromine water into a test-tube. Add about an equal 
volume of dilute sodium hydroxide solution and observe what happens to 
the colour of the bromine water. 

Withdraw a drop of the liquid on a clean glass rod and smell it. 


1 Is free bromine still present after alkali has been added to the solution? 


œ (b) Add a piece of red litmus paper to the mixture of bromine water and 
sodium hydroxide solution. 
Now add about 2 cm? of dilute sulphuric acid to the mixture and note what 
æ happens to the colour of the solution and the litmus Paper. 


2 What has been produced by adding sulphuric acid to the alkaline 
solution? 


æ (c) Put a very small crystal of iodine into a test-tube and add about 2 cm? 
of dilute sodium hydroxide solution. Warm the tube gently with shaking. 

To the mixture then add about 2 cm? of dilute sulphuric acid. Now add | 

1-2 cm? of trichloroethane, shake gently and hold the tube up to the light | 

æ and note the colour of the trichloroethane layer. 


3 Is free iodine still present in the alkaline solution? 

4 What product causes the colour of the trichloroethane? 

5 Whathasbeen produced by adding sulphuric acid to thealkalinesolution? 
6 In what ways do bromine and iodine behave similarly to chlorine (25.4) 
when treated with alkali and then acid? 


Bromine and iodine as oxidising agents. 


When halogen molecules gain electrons to form halide ions, they are reduced 
and the halogen is acting as an oxidising agent. 


œ (a) Pour 1 cm? of freshly prepared sulphur dioxide solution or sodium 
sulphite solution into a test-tube and then add 1 cm? of dilute hydrochloric 
acid. 


Pour the mixture into another test-tube containing a few drops of bromine 
water and note what happens to the colour of the bromine water. 
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Questions 


Questions 


Questions 


Question 


Investigation 
26.3 


Questions 


Questions 


æ Now adda few drops of barium chloride solution to the mixture. 


1 What do you see when barium chloride solution is added to the mixture? 
2 What ions have therefore been formed in the reaction? 
3 What has happened to the sulphite ions in this reaction? 


œ (b) Repeat the above experiment, using a few drops of a solution of iodine 
%æ in aqueous potassium iodide, instead of bromine water, 


4 In what way do-bromine and iodine behave similarly when added to a 
solution containing sulphite ions? : 


5 What type of reagents are the bromine and iodine acting as in this 
reaction? 


> (c) Put 1cm? of bromine water into a test-tube and add 1-2 cm? of a 
æ solution of hydrogen sulphide. 


6 What two changes do you see in the mixture? 
7 Hydrogen sulphide solution contains sulphide ions. Into what have these 
been converted in the reaction with bromine water? 


œ (d) Repeat the above experiment, but this time using a solution of iodine in — 
‘ aqueous potassium iodide, instead-of bromine water. 


8 In what way do bromine and iodine behave similarly when added to a 
solution of hydrogen sulphide?» - 


Bromides and iodides as reducing agents, 


When a halide is oxidised to the element, it is acting as a reducing agent. 


æ (a) Put 1 cm? of potassium bromide solution into a test-tube and add 1cm? 
of dilute sulphuric acid and then 1-2 cm? of hydrogen peroxide solution. If 
there is no obvious change when cold, warm the mixture gently and note 
the final colour of the mixture. 

æ Now add a piece of red litmus paper to the mixture. 


1 Which substance is likely to be causing the final colour of the solution? 
2 What type of reagent is hydrogen peroxide acting as in this reaction? 


œ (b) Put 1cm? of potassium iodide solution into a test-tube. Add 1 cm? of 
dilute sulphuric acid and then about 1 cm? of hydrogen peroxide solution. 
Note the colour of the reaction mixture. 

Now add 1—2 cm? of trichloroethane. Shake the mixture and observe the 

æ colour of the trichloroethane layer. 


3 © What product causes the colour in the trichloroethane layer? x 
4 In what way does hydrogen peroxide behave similarly with bromide ions~ 
and iodide ions? 


267 


TEL rapas" + l 
v 


Investigation 


What is the order of reactivity of the halogens? 
26.4 


æ (a) Put about 1 cm? of potassium bromide solution into a test-tube. Add 
about 1 cm? of chlorine water and note the colour of the solution. 

Now add 1—2 cm? of trichloroethane. Shake the mixture and observe the 
æ colour of the trichloroethane layer. 
Questions 1 What product causes the colour of the reaction mixture and the colour of 
the trichloroethane layer? 
2 Does the result indicate that chlorine is more or less reactive than 
bromine? 
3 What type of reagent has chlorine acted as in this reaction? 


(b) Repeat the procedure using potassium iodide solution instead of 
potassium bromide solution. 


$4 


Questions 


4 What product causes the colour of the reaction mixture and the colour of 
the trichloroethane layer? 


5 Does the result indicate that chlorine is more or less reactive than iodine? 


$ (c) Repeat part (b) using bromine water instead of chlorine water. 


Questions 6 Is bromine more or less reactive than iodine? 


7 Of the three halogens, chlorine, bromine and iodine, which oxidises the 
ions of the other two and is therefore more reactive than the other two? 

8 Which of the three halogens has ions which are oxidised by the other 
two? 

9 What, therefore, is the order of oxidising power of the halogens? 


10 Would you expect there to -be a reaction between bromine and 
Potassium chloride solution? 


Investigation 


nee A comparison of the silver halides. 


(a) Into three test-tubes pour separate 1cm® portions of solutions of 

potassium chloride, potassium bromide and potassium iodide respectively. 

Add to each tube 2 or 3 drops of silver nitrate solution. Examine the 

| appearances of the three precipitates. Now, to each tube, add dilute 

æ ammonia solution until the tube is one third full. Stir each with a glass rod. 

Questions 1 Which of the silver halides does not dissolve in the ammonia solution? 
2 Which of the silver halides appears to be only partially soluble in the 
ammonia solution? r 


3 Which of the silver halides dissolves completely in the ammonia 
solution? 


4 What sort of ion is formed when a silver halide dissolves in ammonia 
solution (15.5) 24 


œ (b) In three more tubes repeat the precipitation of separate samples of the 
three silver halides. Place the tubes near a bright light, or on a window-sill, 


and leave them until the end of the lesson or, if possible, until the next 
æ lesson. 


Questions 5 What colour changes do you see in the three samples? 
4 6 What causes these colour changes? 
7 To what use is this change in silver halides put?- 


a Dy ree a ES A rd 


Chlorine, the subject of Chapter 25, is found in Group 7 of the Periodic Table where 
its companions are fluorine, bromine and iodine. The four elements make up the 
family of elements known as the halogens, which literally means ‘salt-formers’, The 
salts which are formed from the halogens, that is the fluorides, chlorides, bromides 
and iodides, are called the halides. It can be seen from Table 26.1 that the physical 
appearances of the four halogens are quite different. 


TABLE 26.1 


HALOGEN PHYSICAL STATE AND APPEARANCE. 


Fluorine 
Chlorine 
Bromine 


Pale yellow gas 


Pale green gas 


Dark red liquid which easily evaporates to give a 
reddish-brown vapour 


Iodine 


Black shiny crystals which easily subline to give a 
violet vapour 


26.7 
Bromine 
and iodine 


Sodium and potassium halides are the common salts of the halogens and they are 
all white crystalline solids. ę 

The halogens which are the companions of chlorine in the family are worth 
studying, not only because they are useful elements, but also for another reason. As 
was mentioned in Chapter 13, the elements making up a group in the Periodic Table 
show at least some similar properties, and this is certainly true of the halogens. 
Nevertheless, as we go down a group, certain trends in the behaviour and reactions of 
the elements usually become Clear. It is interesting to see whether such trends appear 
within the halogen family and, if they do, how they can be explained. You are not 
likely to see fluorine or fluorides in your school laboratory and so they are considered 
briefly at the end of the chapter. 


Bromine vapour has a sharp choking smell, which is why its name is derived from the 
Greek word bromos, which means ‘stench’. 

The main use of bromine is to prepare 1,2-dibromoethane by reacting it with 
ethene (31.9). 1,2-Dibromoethane is added to petrol to prevent lead (which is present 
in petrol, 9.5) from being deposited inside engines. 

Other uses of bromine include the manufacture of soil fumigants and fire retardants, 
and the alkali metal bromides are required for making silver bromide for photographic 
films and papers. 

Most bromine is extracted from sea water, which contains about 0-075 gdm~3, 
The world’s richest source of bromine is the Dead Sea which contains 4 to 
4:5 gdm“ °, and the production from that outlet is 10000 tonnes per year. 

Silver iodide, like silver bromide, is used in photographic films, and potassium: | - 
iodide is used in animal feeds and for adding to table salt, producing iodized salt. The 
human body needs to take in about 0-07 mg of iodine per day, in the form of an 
iodide, so that it can be converted’ by the thyroid gland in the neck into a hormone 
called thyroxime. Normally this small daily amount will be supplied by drinking 
water, or by fish such as cod, salmon or herring being included in the diet. However, 
there are some areas of the world where there is not sufficient iodine in the diet and 
people suffer from goitre which produces a swelling of the neck. The use of iodized . 

salt prevents this disease. 
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26.8 
Reactions of the 
halogens 


26.9 
Differences 


Asolution of iodine in alcohol (tincture of iodine) has been used as an antiseptic for 
about 150 years. 

Nowadays most of the world’s supply of iodine comes from sodium iodate(V) from 
the solutions in the crystallisation of crude Chile saltpetre (sodium nitrate) and only a 
small amount of it is made from the seaweed (or kelp) in which it was first found. 


As they are members of the same group (Group 7) in the Periodic Table, and have the 
same number of electrons in the outermost shells of their atoms, chlorine, bromine and 
iodine show many similar reactions. Each of the elements is immediately before a noble 
gas in the Periodic Table, and so the majority of their reactions are those in which the 
halogen atoms gain one electron to obtain the configuration of the noble gas (15.2 
and 15.3). Properties and reactions which all three elements show are the following. 

1. Chlorine, bromine and iodine are diatomic, the two atoms being held together 
in the molecules by covalent bonds, 


oo xx 
e.g. 8 Br 6 Br š 
oo xx 


Because of this, their solubilities in water, which is a polar solvent, are either moderate 
as in the cases of chlorine and bromine or low as in the case of iodine. Bromine and 
iodine are readily soluble in non-polar, covalent solvents, such as trichloroethane, 
bromine forming a deep red solution and iodine a purple solution. A saturated solution 
of bromine in water is red in colour and is commonly known as ‘bromine water’. 
Iodine readily dissolves in an aqueous solution of potassium iodide to form a brown 
solution, owing to the formation of a complex ion (I,-) in the reversible reaction: 


I-(aq) 
colourless 


I,(s) + 
black 


= I (aq) 
brown 


2. Reactions with hydrogen 

All three halogens react with hydrogen, but the vigour of the reaction and the stability 
of the product decreases in the order chlorine, bromine, iodine. Chlorine reacts slowly 
with hydrogen in the dark, but a mixture of the two gases will explode if exposed to 
bright sunlight (25.9), hydrogen chloride being formed. 

A mixture of hydrogen and bromine needs to be heated to about 300°C in the 
presence of a catalyst before they will react to form hydrogen bromide. A mixture of 
iodine vapour and hydrogen only react reversibly under the same conditions to form 
hydrogen iodide. These differences indicate that the halogens become /ess reactive as 
the group is descended. 


3. Reactions with alkalis 

All three halogens react with alkalis to give similar compounds. With cold dilute 
sodium hydroxide solution, chlorine forms a mixture of sodium chloride and sodium 
hypochlorite (sodium chlorate (I)) (25.1 1). Under similar conditions, bromine forms 
colourless solution of sodium bromide and sodium hypobromite and iodine forms 
sodium iodide and sodium hypoiodite. 


Reactions of the halogens with other halides 

When potassium bromide solution is added toa jar of chlorine and the jar is shaken, the 
colourless solution turns red and a red vapour is forn.ed in the jar. If trichloroethane is 
then added to the jar, it forms a dark red lower layer in the liquid, showing that 
bromine has been liberated: 
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2KBr(aq) + Cl(g) > 2KCl(aq) + Br,(aq) 


This shows that chlorine is more reactive than bromine. That is, chlorine is a 
sufficiently strong electron acceptor, or oxidizing agent, to be able to take the extra 
electrons from bromide ions. Chlorine itself is reduced to chloride ions: 


oxidised 


ng 


+ 2Br-(aq) —> Br(aq) + 2Cl-(aq) 
f 


reduced 


Shaking a solution of potassium iodide in a jar of chlorine causes a similar reaction to 
that with potassium bromide. The iodide solution turns brown and a black precipitate 
is rapidly formed. If trichloroethane is added, it turns to the characteristic purple 
colour of iodine in this solvent. Chlorine has oxidised iodide ions to free iodine and has 
itself been reduced to chloride ions: 


Cly(g) + 2I-(aq) + 2Cl-(aq) + I,(aq) 


Chlorine obviously stands at the top of the list chlorine, bromine and iodine, as far as 
the ability to act as an oxidising agent is concerned, but where does bromine stand in 
the list in relation to iodine? Is it a better oxidising agent, or a worse one, than iodine? 
The answer to this is supplied by adding bromine to potassium iodide solution. The 
colourless solution immediately turns brown and a black precipitate of iodine is 
formed. Bromine has oxidised iodide ions to free iodine: 


Br,(1) + 21-(aq) > 2Br-(aq) + Tp(aq) 


Thus the observations are that chlorine will displace bromine and iodine, and that 
bromine will displace iodine. These reactions have shown again that the reactivity of 
the elements decreases from chlorine to bromine to iodine. This is because of the 
decreasing ability of the halogens to act as oxidising agents as the group is descended. 


Reactions of halides with concentrated sulphuric acid 

When cold concentrated sulphuric acid is added to solid potassium chloride, there is a 
vigorous effervescence and the mixture froths as it produces steamy white fumes of 
hydrogen chloride: 


KCl(s) + H,SO,(I) > KHSO,(s) + HCl(g) 


As the reaction proceeds, neither the reaction mixture nor the fumes show any signs of 
being coloured and obviously no free chlorine has been formed in the reaction, 

Ifconcentrated sulphuric acid is added to solid potassium bromide the frothing and 
the steamy fumes appear again, but this time the mixture rapidly turns red and a red 
vapour becomes mixed with the steamy fumes. The red colour is due to free bromine. 
This must have been formedeby the oxidation of (i.e. the removal of electrons from) 
the bromide ions. The only substance in the reaction mixture which could have 
brought about the oxidation is the concentrated sulphuric acid (27.26), which is itself 
reduced to sulphur dioxide: 


oxidised 


3H,SO,(1) + 2NaBr(s) > Br,(1) 


+ 2H,O(1) + S06 + 2NaHSO,(s) 
| 


reduced 
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26.12 
Electrolysis of 
halides 


When concentrated sulphuric acid is added to solid potassium iodide the effect is even 
more striking. Hardly any fumes of hydrogen iodide are given off, and a brown 
mess containing iodine is formed. If the mixture is warmed, purple fumes of iodine are 
formed. When the reaction has subsided a little, the product smells of hydrogen 
sulphide. Once again the concentrated sulphuric acid has acted as an oxidising agent 
converting the iodide ions to free iodine. Because this change occurs more easily 
than the corresponding change for bromide ions (that is iodide ions are better reducing 
agents than bromide ions) the sulphuric acid is reduced as far as hydrogen sulphide 
rather than sulphur dioxide: 


oxidised 
9H,SO,(1) + 8Nal(s) > 41,(s) + H,S(g) + 8NaHSO,(s) + 4H,O(!) 
| t 


reduced 


These observations show that theʻhalides become easier to oxidise as the group is 
descended. 


The trends within the family of the halogens are summarised in Fig. 26.1. 


reduction —> 


ease of oxidation 
and therefore 
reducing 

power 

increases 


D O 
5 


A) 


oxidising 
power 
increases 


nie nie nie 


~— oxidation 


The explanation for these trends appears in the electronic configurations of the 
elements and their ions: 


chlorine 2.8.7 chloride ion 2.8.8 
bromine 2.8.18,7 bromide ion 2.8.18.8 


iodine 2.8.18.18.7 iodide ion 2.8.18.18.8 


In the case of the atoms, the shell which is to gain an extra electron becomes further 
from the nucleus as we go down the list. This means that the number of ‘shielding’ 
shells between that shell and the nucleus increases, so that the outermost shell feels less 
attraction for the nucleus. The ability of the shell to attract an extra electron therefore 
decreases as we descend the list, and the power to act as an oxidising agent decreases. 

The bigger the ion, the less firmly the extra electron is held as it is shielded from the 
nucleus by more electrons. Thus, the ability of an ion to act as a reducing agent 
increases ‘as the group is descended. 


The halides of most metals are electrolytes in aqueous solution, and electrolysis of the 
solutions produce the halogen at the anode (19.9), 
eg. 2Br-(aq) — 2e- = Br,(aq) 


As would be expected, the potential difference (or voltage) required to discharge these 
ions decreases as we descend the list, since it becomes easier to remove the extra 
electron from the ion. The molten salts behave similarly. 


The first element in Group 7 is fluorine, which is a pale yellow, very poisonous gas. 
Although in reasonably plentiful supply in the form of the mineral fluorspar (calcium 
fluoride—CaF,), it is only comparatively recently that compounds of this element 
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Fig. 26.2 Toothpaste 
containing tin(II) fluoride 


i 


(stannous fluoride). 


have become of commercial importance. Fluorocarbons (compounds of carbon and 
fluorine) are very stable and are used as oils, sealing liquids and coolants, 
Polytetrafluoroethene (PTFE) is made by polymerizing (31.10) the compound, 


F,C=CF, 


PTFE is a white waxy solid, sold as Teflon, and has a low coefficient of friction. It is 
used for making bearings and rollers which require no lubrication (e.g. the rollers on 
which motorway bridges expand when they become warmer). Because it is so 
resistant to heat and unreactive, it is used for non-stick coatings on pans. The 
fluorochloro derivatives of methane (e.g. CF,Cl, and-CFCl,) are used in re- 
frigerators and as aerosol propellants, being sold under the name of Freons. 

Metal fluorides, such as tin(II) fluoride and sodium monofluorophosphate, are now 
used for addition to water supplies and to toothpaste as it is believed they reduce tooth 
decay, particularly in children. 

As would be expected from the trends in Group 7 already discussed, fluorine is the 
most reactive non-metallic element. It is such a powerful oxidising agent that it will 
oxidise chloride ions to free chlorine: 


2Cl-(aq) + F,(g) > 2F-(aq) + Ch(g) 
I 


Fig. 26.3 (right) Tossing a pancake is easier when the frying-pan has 
been coated with PTFE. (Photo: Russell Edwards, BSc) 


1. The halogens are the family of elements making up Group 7 of the Periodic Table. 
Because of their similar electronic configurations, they have generally similar 
chemical properties. 

. They are diatomic elements, more soluble in non-polar solvents than in water. 

. All the halogens react in a similar fashion with hydrogen and alkalis. With 
reducing agents, the halogens act as oxidising agents, gaining an electron to form 
the halide ion. i 

. The power of the halogens to accept electrons, and thus to act as oxidising agents, 
increases as we ascend Group 7 from iodine to fluorine. That is, reactivity increases 
from iodine to fluorine. ‘ 

. The ease of oxidation of the halide ions‘increases as Group 7 is descended, iodide 
ions being readily oxidised and chloride ions only being converted to chlorine 
molecules by powerful oxidising agents. 

. Fluorine is the most reactive non-metallic element. It is important for making 
polytetrafluoroethene (PTFE), Freons and fluoride additives for toothpaste. 
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The allotropy of solid sulphur. 


An element is said to show allotropy when it can exist in more than one form 
in one physical state. Allotropes of a solid element differ in physical 
properties, one of which could be the shape of the crystals. 


œ (a) Pour trichloroethane into a test-tube to a depth of 2-3 cm and add 
enough powdered sulphur to make a saturated solution. Shake the mixture 
thoroughly and then filter off the undissolved sulphur. 

Pour a little of the solution into a watchglass and set it aside, preferably in 
the fume cupboard. The trichloroethane evaporates and sulphur crystals will 
form on the watchglass. 

Examine the crystals closely with a hand lens. 
(b) To a hard glass test-tube add dimethylbenzene (xylene) to a depth of 
5cm and a 1cm depth of powdered sulphur. Fit the tube with a bung 
through which passes a long glass tube and clamp the tube at a slight angle 
to the vertical (Fig. 27.1). 

With a small flame, gently heat the mixture, keeping the flame moving, 
until the liquid boils. Continue gentle boiling of the solution for a few 

‘minutes, keeping the vapour in the apparatus (you will be able to see where 
the vapour is by a ‘ring’ of liquid in the tube which acts as a condenser). Now 
allow the solution to cool. Crystals of sulphur should settle from the solution 

æ as it cools, but while it is still quite hot. 


1 What shape are the crystals which are produced from the solution in 
trichloroethane? 
2 What shape are the crystals which are produced from the solution in 
dimethylbenzene? 
3 What are the names of the two allotropes of solid sulphur (27.8)? 


The action of heat on sulphur. 


Put powdered sulphur into a hard glass test-tube to a depth of 3—4 cm. 
Gently heat the tube, taking care to keep the flame away from the open end of 
the tube. 
The sulphur will melt and the molten sulphur goes through a series of 
changes of colour. As it changes colour, find how mobile the molten sulphur 
is by inclining the test-tube and seeing how easily the liquid will flow down 
the side of the tube. 
When the sulphur boils, pour it quickly into a beaker of cold water. Recover 
the solid and examine its colour and hardness. 
Finally set the solid on one side and leave it, preferably overnight, before 
æ examining it again. 
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Through what colour changes did the molten sulphur go? 
2 How mobile was the molten sulphur at each colour change? 
3 What changes did you observe in the solid’s appearance and hardness 
when it was left overnight? 


What are the properties of an aqueous solution of 
sulphur dioxide? 


(a) Pour 2 cm? of dilute sulphuric acid into one test-tube and a similar 
volume of sulphur dioxide solution into a second test-tube. Add a few drops 
of litmus solution to each test-tube. 

Pour 2 cm? portions of dilute sulphuric acid and sulphur dioxide solution 
into separate clean test-tubes. Add a small piece of magnesium ribbon to 
each test-tube. 


1 What property of the two solutions do these changes indicate? 
2 Which ion is present in both solutions? 


(b) Very cautiously compare the smell of sulphur dioxide solution with that 
of dilute sulphuric acid. 

Boil separate portions of the two solutions, holding moist blue litmus 
paper in the vapour. 


3 In which solution is the solute volatile? 


(c) Pour about 2 cm? of sulphur dioxide solution into a test-tube and add a 
few drops of litmus solution, Then add sodium hydroxide solution, a few 
drops at a time, shaking after each addition, until the litmus changes colour, 
Pour some of the solution into a watchglass and cautiously smell it. 

Now boil a little of this solution, holding moist blue litmus paper in the 
vapour. 


4 \ssulphur dioxide given off from its solution to which sodium hydroxide 
has been added? 

5 What type of reaction takes place when alkali is added to sulphur dioxide 
solution? 

6 What type of substance is formed in this reaction? 


How can sulphate ions be detected and how can they be 
distinguished from sulphite ions? 


(a) To about 2 cm? of dilute sulphuric acid, or sodium sulphate solution, add 
a few drops of barium chloride solution and shake the mixture. Then add 
about 2 cm? of dilute hydrochloric acid and shake the mixture again, 


1 What two products are likely to be formed when barium chloride solution 
is added to dilute sulphuric acid? 

2 Which of the two is likely to be precipitated? 

3 Does the precipitate dissolve in dilute hydrochloric acid? 


(b) Add about 2 cm? of sodium sulphite solution to each of two test-tubes. 
To the first tube add a few drops of barium chloride solution and shake the 
mixture. Then add about 2 cm’ of dilute hydrochloric acid and again shake 
well. 
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To the second tube add 2 cm? of dilute hydrochloric acid and shake 
thoroughly. Then add a few drops of barium chloride solution. 


What is the precipitate in the first tube likely to be? 

Does the precipitate in the first tube dissolve in dilute hydrochloric acid? 
Why was there no precipitate in the second tube? 

In testing for sulphate ions, why is dilute hydrochloric acid added before 
adding barium chloride solution? 


NONA 


(c) To a test-tube add about 2 cm? of sodium sulphite solution and to a 
second about 2 cm? of sodium sulphate solution. 

To each solution then add 2 cm? of dilute hydrochloric acid and about 
1 cm? of petassium manganate(VI!) solution. 


8 How can you use potassium manganate (VII) solution to detect sulphite 
ions in solution? i 


‘9 What sort of reagent is potassium manganate (VII) ? 


10 Therefore as what sort of reagent is the acidified sulphite solution likely 
to be acting in this reaction? 


The reducing action of sulphite ions. 


For these experiments, use a solution of sodium sulphite, acidified with 
dilute hydrochloric acid, or a freshly-prepared aqueous solution of sulphur 
didxide. 


(a) Pour 2 to 3cm? of the solution containing sulphite ions into a test- 
tube and add about 2 cm® of hydrogen peroxide solution. 

Now acidify the mixture with dilute hydrochloric acid and then add a few 
drops of barium chloride solution. 


1 What do you see in the mixture when the barium chloride solution is 
added? 3 

2 What ion is therefore contained in the reaction mixture? 

3  Whattype of reagentis the hydrogen peroxide acting as, when producing 
these ions from the sulphite ions? 

4 What type of reagent are the sulphite ions acting as in this reaction? ' 


(b) Pour about 3 cm? of your solution of sulphite ions into a test-tube. Add 
2cm° of dilute hydrochloric acid and then about 2cm? of potassium 
manganate(Vil) solution. Finally add a few drops of barium chloride 
solution. 


5 What do you see happen to the potassium manganate(VIl) solution 
when it is added to the sulphite ions? 5 

6 Aswhatsort of reagent is the potassium manganate(VIl) acting if you see 
this change in it? 

7 What ions are produced from the sulphite ions when this change takes 
place? 7 \ 

(c) Pour about 3 cm of your solution of sulphite ions into a test-tube. Add 
2cm? of dilute hydrochloric acid and then about 2.cm? of potassium 
dichromate(VI) solution. Finally add a few drops of barium chloride 
solution. i oe 
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8 Whatdoyou see happen to the potassium dichromate(V1) solution when ` 
it is added to the solution containing sulphite ions? i 

9 Aswhatsort of reagent is the potassium dichromate(VI) solution acting if 

you see this change in it? 

10 Whations are produced from the sulphate ions when this change takes 

place? 


(d) Pour about 1 cm? of iron(II) chloride solution into a test-tube. Add an 
equal volume of dilute hydrochloric acid and then about 2 cm? of the 
solution containing sulphite ions. $ 

Boil the mixture until no further change takes place. If it goes cloudy, add 
some more hydrochloric acid. 

Now divide the mixture into two portions. To one add about 1 cm? of 
dilute hydrochloric acid and then a few drops of barium chloride solution. To 
the second add a few drops of potassium hexacyanoferrate(II1) solution. 


11 Have the sulphite ions been oxidised in this reaction? 
12 What ion is detected with potassium hexacyanoferrate(III) solution? 
13 What is reduced to what in this reaction? 


What are the properties of an aqueous solution of 
hydrogen sulphide? 

HYDROGEN SULPHIDE IS A VERY POISONOUS GAS AND TEACHERS 
MAY PREFER TO DO THE EXPERIMENT AS A DEMONSTRATION, 


In these experiments use a freshly- prepared solution of hydrogen sulphide in 
water. 


(a) To 1 cm? of hydrogen sulphide solution in a test-tube, add a few drops 
of litmus solution. To the mixture then add about 2cm? of sodium 
hydroxide solution and observe what happens. 

Pour a few drops of the mixture on to a watchglass and see if it now smells 
of hydrogen sulphide. 


1 Is hydrogen sulphide solution acidic, neutral or alkaline? 
2 What type of substance is formed when sodium hydroxide solution is 
added to the hydrogen sulphide solution? 


(b) Pour separate 2cm? portions of copper(II) sulphate solution, zinc 
sulphate solution and lead(||) nitrate solution into three separate test-tubes, 
Add equal volumes of hydrogen sulphide solution to each test-tube and 
observe what happens. Then, preferably in a fume cupboard, add to each 
tube an equal volume of dilute hydrochloric acid and stir each mxture with a 
glass rod. 


3 What are the precipitates fgrmed in each case? 
4 Which precipitate is soluble in dilute hydrochloric acid? 
5 What gas is given off as this precipitate dissolves? 


(c) Set up six test-tubes containing 1 cm? portions of, respectively, chlorine 
water, hydrogen peroxide solution, acidified potassium manganate(Vil) 


- Questions 
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Sulphur for 
sulphuric acid 


Fig. 27.2 The Frasch 


process for extracting 
sulphur 


solution, acidified potassium dichromate(VI) solution, iron(Ill) chloride 
solution and sulphur dioxide solution. To each tube add 2 cm? of hydrogen 
sulphide solution and observe what happens. 

Allow the tubes to stand for about five minutes and observe what else has 


happened. 


eF 


Finally, to the tube which contained the iron (lIl) chloride solution, adda ~ 


few drops of potassium hexacyanoferrate(ll1) solution. 


6 Whatis the milkiness which you see in all the tubes? 

7 Inall these reactions hydrogen sulphide acts as the same sort of reagent. 
What sort of reagent is this? : 
8 What ion is detected by potassium hexacyanoferrate(IIl) solution? 

9 How was this ion formed in this investigation? 

10 Aswhatsort of reagent does sulphur dioxide solution act when it reacts 
with hydrogen sulphide? 


In 1843 a German chemist, Justus von Liebig, wrote: ‘It is no exaggeration to say that 
we may judge the commercial prosperity of a country from the amount of sulphuric 
acid it consumes.’ Since Liebig’s time new industries not requiring sulphuric acid have 
been developed, and in other processes sulphuric acid has been replaced by other 
substances, so that this compound can no longer be regarded as the perfect indicator of 
industrial prosperity. Nevertheless, the annual production of sulphuric acid has 
risen over the last fifty years (from 500000 tonnes in U.K. in 1920 to almost 3 million 
tonnes in 1982). The world production in 1982 was 130 million tonnes. It is the most 
widely used of all manufactured chemicals. There are few materials or goods which 
do not require sulphuric acid at some stage of their production. 3 

The starting material for the manufacture of this important compound is the 
element sulphur which makes up 0:05% of the Earth’s crust. The major source is the 
underground deposits of the free element. They occur in Poland, Mexico and in 
Louisiana in the U.S.A. 


Compressed 
air 
“=> Molten sulphur 
Superheated 


water 
i Ground level 


Fig. 27.3 A 66-car unit 
of molten sulphur leaving 
a sulphur extraction point 
in Texas, USA, on its 
way to the port of 
Galveston where it will be 
transferred to an ocean- 
going tanker. (Courtesy 
British Sulphur 
Corporation) 


The American deposits, which are about 150 metres below the surface, were 
discovered in 1868 by prospectors looking for oil. When mining companies tried to 
mine the material in the usual way, they found that the beds were covered with layers 
of quicksand, so that deep enough minėshafts could not be sunk. For this reason the 
sulphur was not disturbed until 1890 when Herman Frasch suggested drilling down to 
the sulphur bed a 15 cm hole and then sinking into it three concentric pipes (one inside 
the other) (Fig. 27.2). Down the outside tube is pumped water, superheated under a 
pressure of 15 atmospheres. At this pressure water remains liquid up to 170°C and this 
melts the sulphur at the base of the pipes. Down the central tube is pumped compressed 
air and this forces a mixture of molten sulphur and water up the middle tube to the 
surface. Here the mixture is run into vats in which the sulphur and water separate. The 
sulphur is then either run, while still molten, into thermally insulated road tankers 
or ships (like giant thermos flasks), in which it can be transported to wherever in the 
world itis needed, or it is allowed to solidify to the familiar yellow solid with a purity of 
over 99%, 

Sulphur can also be recovered from crude oil and natural gas, but the proportion of 
sulphur present in these deposits does vary considerably. The oil and gas from the 
North Sea, for example, contains very little sulphur and makes a negligible 
contribution to the supply of sulphur. 


Sulphur is one of the elements which shows allotropy (16.5). An element is said to 
exhibit allotropy when it can exist in more than one form in the same physical state, 
The allotropy of solid sulphur is interesting because one allotrope of solid sulphur is 
the more stable in one temperature range, while the other is stable in a different range 
of temperature. This sort of allotropy is called enantiotropy. 
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Fig. 27.4 The crystal 

\ shapes of (a) rhombic 
sulphur, (b) monoclinic 
sulphur 


27.9 
Action of heat on 
sulphur 


Fig. 27.5 


27.10 
Reactions of 
sulphur 


If powdered sulphur is dissolved in trichloroethane|until the solution is saturated, 
and the solution is then allowed to evaporate slowly, yellow crystals separate. 
Examination under a microscope shows these to be octahedral in shape (Fig. 27.4(a)); 
they are crystals of rhombic sulphur. 

If, however, the sulphur is dissolved by heating with methylbenzene (toluene) 
(boiling point 111°C) or dimethylbenzene (xylene) (boiling point 140°C), the crystals 
which separate when the solution starts to cool are needle-shaped (Fig. 27.4(b)). 
They are crystals of monoclinic sulphur. 

Monoclinic sulphur is formed first when molten sulphur is cooled and starts to 
solidify. By a simple experiment it can be shown that the temperature above which the 
monoclinic form is produced, and below which the rhombic form is formed, is 96 °C. 
This is called the transition temperature of sulphur. At temperatures below 
96°C the rhombic form is the more stable allotrope, whereas above 96°C monoclinic 
sulphur has the greater stability. Thus, if monoclinic sulphur is stored at room 
temperature, the crystals slowly turn into rhombic sulphur. 


When sulphur is heated in a test-tube, the yellow solid melts at a temperature of 115°C 
to form an orange-brown liquid which, when the test-tube is tilted, flows easily down 
the side. Then, as the temperature of the molten sulphur is raised, some interesting 
changes occur. The colour of the liquid darkens to deep red. At about 160°C the liquid 
is very viscous and cannot be poured down the side of the test-tube. As heating is 
continued, the liquid turns dark brown and becomes mobile, so that it can be poured 
down the side of the tube again. When the temperature reaches 444°C, sulphur boils. 

If boiling molten sulphur is poured into cold water, it sets into a solid as it is cooled 
by the water. The solid is dark brown and is soft and pliable, rather like chewing gum. 
This product is called plastic sulphur. If it is kept for a few hours, it becomes hard 
and starts to turn yellow once again. 

The explanations for these changes involve the ways in which sulphur atoms are 
joined together at the various stages of the heating. Sulphur is a molecular solid, the 
molecules consisting of eight atoms joined in a ‘puckered’ ring (Fig. 27.5). In the solid 
the rings are held together by van der Waals’ forces (16.6). When the solid is héated, 
energy is fed into the crystals and the forces are overcome. The sulphur melts when the 
rings are able to move. The rings can easily pass over each other and the newly-melted 
sulphur is therefore runny. 

As the heating continues the rings absorb more energy and some split at one point, 
forming a short chain of eight atoms. At this stage, there is not enough thermal 
motion to prevent these short chains joining to form longer ones. The long ones 
become twisted and tangled together, so that the liquid does not flow easily. This 
corresponds to the dark red, extremely viscous liquid which is obtained at 160°C. 

As more energy is given to the liquid, the chains of sulphur atoms break up, 
forming much shorter lengths. These cannot be twisted or tangled together and can 
therefore easily pass over each other, the liquid now being mobile again. 

When boiling molten sulphur is poured into cold water, it is caught in the condition 
it was in just before it was poured into the water. It consists of tangled chains which 
can push over each other. As the plastic sulphur stands, however, these chains 
gradually reform the original eight-membered rings and the solid starts to become 
crystalline again wjth corresponding changes in strength and in colour. 


1. Reactions with metals 
The ease and vigour of the reaction ofa metal with sulphur, like reactions with oxygen 
or chlorine, depends on the position of the metal in the reactivity series (17,9). 
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A mixture of powdered zinc and sulphur, when warmed, burns with a green flame as . 
zinc sulphide is formed: 


Zn(s) + S(1) + ZnS(s) 


When a mixture of iron dust and powdered sulphur is heated, the reaction is again 
exothermic, butlessso than withzinc. Ared glow spreads through the mixture and adark 
grey mass of iron(II) sulphide remains: 


Fe(s) + S(1) —> FeS(s) 
Metals lower down the series react with the evolution of less heat. 


2. Reaction with oxygen 
Molten sulphur burns in air or, more vigorously, in oxygen witha blue flame, forming 
the gas sulphur dioxide: 


S(l) + O,(g) > SO,(g) 


This reaction is of considerable importance asit is the first stage in the manufacture of 
opine acid from sulphur (27.20), and also a Gause of atmospheric pollution 
.17). 


3. Reactions with oxidising agents 

Sulphur is, on the whole, unreactive towards aqueous reagents. Dilute acids and alkalis 
have no effect on it, nor does a solution of potassium manganate(VII). It is, however, 
oxidised by concentrated nitric acid (34.9). 


27.11 Ifyou have ever had the bad luck to crack open a rotten egg, you will have smelt the gas 
Hydrogen called hydrogen sulphide. You can detect the samé smell when dilute hydrochloric 
sulphide acid or sulphuric acid is added to iron(II) sulphide. This is a convenient way of 


preparing the gas in the laboratory. Since the gas is moderately soluble in cold water 
(1 volume of cold water dissolves about 3 volumes of the gas), it is best collected over 
warm water. A convenient apparatus is shown in Fig. 27.6. 

Fig. 27.6 The 

preparation and collection 2HGKiag) + FeS(s) -> FeCle(aq): + H,S(g) 


of hydrogen sulphide 


Mixture of equal 

volumes of water 
and concentrated 
hydrochloric acid 


Hydrogen 
sulphide 


Warm 
lron(II) ae 
sulphide 


27.12 : 
Properties of 
hydrogen 
sulphide 


27.13 
Hydrogen 
sulphide as an 
acid 


27.14 
Hydrogen 
sulphide as a 


reducing agent 


Hydrogen sulphide is a colourless gas with, as we have already described, the smell of 
rotten eggs. Indeed eggs, as they turn bad, give off hydrogen sulphide owing to the 
breakdown by bacteria of sulphur compounds in the egg-white. 

It is poisonous, one volume of the gas in 600 volumes of air being a lethal mixture. 
However, the smell of the gas announces its presence long before the concentration 
becomes dangerous. 

Hydrogen sulphide is flammable. The products formed depend on how much 
oxygen is available for the combustion. In a plentiful supply of air sulphur dioxide 
and steam are formed:. ; 


2H,S(g) + 302(g) > 2SO,(g) + 2H,O(g) 


If the supply of air is limited (e.g. by holding a cold surface in the flame), the hydrogen 
is again converted to steam but the sulphur is deposited on the cold surface. 


2H2S(g) + O2(g) > 2S(s) + 2H,O(g) 


Hydrogen sulphide is moderately soluble in cold water, and the resulting solution 
conducts electricity slightly. This shows that some of the hydrogen sulphide 
molecules have split up into ions: 


H,S(aq) = 2H*+(aq) + S*-(aq) 


When litmus solution is added to the solution of the gas, it turns bluish-red, showing 
that the solution is weakly acidic. The solution also contains covalent hydrogen 
sulphide molecules as is shown by the still-present smell of bad eggs. If sodium 
hydroxide solution is added to an aqueous solution of the gas, the smell disappears, due 
to the conversion of the molecules into sulphide ions, 


H,S(aq) + 2NaOH (aq) > Na,S(aq) + 2H,O(1) 


Most metal sulphides are insoluble in water and, if hydrogen sulphide is passed 
through a solution ofa metal salt, a precipitate of the metal sulphide is usually formed. 
For example, the gas led into copper(II) sulphate solution forms a black precipitate of 
copper(II) sulphide, 


CuSO,(aq) + H,S(g) > CuS(s) + H,SO,(aq) 
or Cu?*(aq) + S*-(aq) > CuS(s) 


It is the formation of one of these precipitates which gives us the characteristic test 
for hydrogen sulphide. If you suspect that the gas is being given off in a reaction, you 
should hold a piece of filter paper, dipped into lead(II) nitrate solution or lead (II) 
ethanoate (acetate) solution, over the reaction mixture. If the paper turns black, 
hydrogen sulphide is present. The black substance is lead (II) sulphide. 


Pb(NO,).(aq) + H,S(g) —> PbS (s) + 2HNO, (aq) 


As has already been described (27.12), hydrogen sulphide will burn in the oxygen of 
the air. Since this demonstrates the readiness of the gas to react with oxygen, it suggests 
that it could be a reducing agent. This is confirmed by its reactions with oxidising 
agents. 


1. Reaction with hydrogen peroxide 
If hydrogen sulphide is bubbled through hydrogen peroxide solution, the solution 
turns cloudy as a precipitate of sulphur forms: 


H,O,(aq) + H,S(g) > 2H,O(1) + S(s) 
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Hydrogen sulphide has been oxidised to sulphur and, in turn, has reduced hydrogen 
peroxide to water. 

In most of the reductions carried out by hydrogen sulphide, the white or yellow 
precipitate of sulphur is formed and this acts as a sign that the hydrogen sulphide has 
acted in that way, 


H,S(g) + [O] > H,O(l) + S(s) 


or H,S(g) — 2H+(aq) + S(s) + Qe- 
donated 
to the 
oxidising 
agent 


2. Reaction with acidified potassium manganate(VII) solution 

Purple potassium manganate(VII) solution, acidified with dilute sulphuric acid, is 
decolourised when hydrogen sulphide is passed through it and the colourless solution 
slowly turns milky as a finely divided precipitate of sulphur forms. 


3. Reaction with acidified potassium dichromate(VI) solution 

Orange potassium dichromate(V1) solution, acidified with dilute sulphuric acid, turns 
dark green `n the presence of hydrogen sulphide and once again the tell-tale 
precipitate of sulphur slowly forms, showing the hydrogen sulphide to be acting as a 
reducing agent. 


4. Reaction with iron(II) chloride solution 
Ifhydrogen sulphide is passed into iron(II1) chloride solution, a milkiness appears and 
the yellow colour of the iron(III) ions fades as they are reduced to iron(II) ions, 


H,S(g) + 2Fe*+(aq) > 2Fe?+(aq) + 2H+(aq) + S(s) 
or H,S(g) + 2FeCl,(aq) > 2FeCl, (aq) + 2HCl(aq) + S(s) 


5. Reactions with the halogens 

As described in 25.9, hydrogen sulphide reacts with chlorine water, bromine water or 
iodine solution, forming the usual precipitate of sulphur and red ucing the free halogen 
to halide ions. 


6. Reaction with concentrated sulphuric acid 
If hydrogen sulphide is bubbled through cold concentrated sulphuric acid, a large 
amount of sulphur is precipitated : 


3H,S(g) + H,SO,(1) > 4S(s) + 4H,0(1) 


Clearly concentrated sulphuric acid cannot be used to dry hydrogen sulphide. Some 
other drying agent has to be found, 


7. Reaction with sulphur dioxide 

When a jar of hydrogen sulphide, to which a few drops of water have been added, is 
brought mouth-to-mouth with a jar-of sulphur dioxide and the two jars are then 
opened so that the gases can mix, a yellow deposit forms on the sides of the jars. This is 
obviously sulphur and at least part of it must have been formed by hydrogen sulphide 
acting as a reducing agent. This can only have happened if sulphur dioxide (or more 
precisely, the sulphurous acid), which normally reacts as a reducing agent, acts as an 
oxidising agent and is itself converted to sulphur: 


2H,S(g) + SO,(g) > 2H,O(1) + 38(s) 
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27.15 


Sulphur dioxide 


27.16 


Sulphurous acid 


The reaction between hydrogen sulphide and sulphur dioxide is of considerable 
importance in the extraction of the sulphur from petroleum oil and natural gas. 
Hydrogen sulphide is produced from the ‘cracking’ of fractions of the oil (31.5) or by 
treatment of certain fractions’ with hydrogen in the presence of a catalyst, and then 
part of it is oxidised by air to water and sulphur dioxide: 


2H,S(g) + 30,(g) > 2H,O(g) + 2SO,(g) 


The latter then combines with the unreacted hydrogen sulphide in the presence of a 
catalyst in the way described above, liberating the sulphur. 


Sulphur dioxide is produced when sulphur is burnt in air or oxygen: 
S(I) + O(g) > SO,(g) 


Sulphur dioxide is a colourless gas, about twice as dense as air, with a pungent, choking 
smell and a metallic taste. It is poisonous to both plants and animals. Its boiling point is 
comparatively high and it is easily liquefied simply by applying pressure. The 
compound is in fact usually transported in the liquid form. If you have to use 
sulphur dioxide in the laboratory, you will probably obtain your supply from a 
pressurised canister which contains the liquid. As the pressure is released, the liquid 
evaporates, forming the gas. 

Sulphur dioxide does not burn in air or oxygen and it extinguishes a burning splint. 
If, however, burning magnesium ribbon is lowered into a jar of the gas, the metal 
continues to burn and two solids, white magnesium oxide and yellow sulphur, are 
deposited on the sides of the jar. 


2Mg(s) + SO,(g) > 2MgO(s) + S(s) 


Sulphur dioxide is very soluble in water (one volume of water dissolves about 80 
volumes of the gas at 0°C) and the solution turns litmus bright red, showing it to be 
acidic. The solution is known as sulphurous acid: 


SO,(g) + H,O(1) > H,SO,(aq) 


The aqueous solution of sulphur dioxide allows an electric current to pass through it, 
showing that ions are present in it. Water and sulphur dioxide, from which the solution 
is made, are not ionic and therefore the ions must have been made in a chemical 
reaction between the two substances. The solution is highly acidic (e.g. magnesium 
ribbon readily liberates hydrogen from it) and so it must contain hydrogen ions 
(H*(aq)), On the other hand it smells strongly of sulphur dioxide, and, on boiling, 
sulphur dioxide and steam are given of, leaving no residue. 

Sulphrous acid must therefore be an equilibrium mixture (22.13) of water 
molecules, sulphur dioxide mdlecules, hydrogen ions and sulphite ions, represented by 
the equation: 

H,O(l) + SO,(aq) = 2H+ (aq) + SO,?-(aq) 
The action of heat on the mixture makes the sulphur dioxide less soluble and drives it 
off. The equilibrium is then disturbed and, in an attempt to restore it, some of the 
hydrogen ions and sulphite ions combine to form more sulphur dioxide to replace that 
which has gone. This will also be driven off by the heat and the process continues until 
the decomposition of the sulphurous acid is eventually complete, causing no residue to 
remain, 
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Pollution of the 
air by sulphur 
dioxide 
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When a sufficient quantify of an alkali, such as sodium hydroxide solution, 
is added to the sulphurous acid, the smell of sulphur dioxide disappears completely. 
The resulting solution of sodium sulphite is a strong electrolyte, showing ii to be ionic. 
The hydroxide ions from the alkali have combined with the hydrogen ions in the 
sulphurous acid and have therefore disturbed the equilibrium, The reaction goes to 
completion and all the sulphur dioxide (shown as H,SO,) is converted to sulphite 
ions: 


2NaOH (aq) + H,SO,(aq) > Na,SO,(aq) + 2H,O(1) 


Addition of dilute acid to the sodium sulphite immediately produces the smell of 
sulphur dioxide as the sulphite ions form sulphurous acid again: 


Na,SO,(aq) + 2HCI(aq) > 2NaCl(aq) + SO,(g) + H,O(1) 


Sulphur dioxide, being very soluble in water, is not readily given off unless the 
mixture is warmed. The formation of sulphur dioxide on the addition of dilute acid is 
a general reaction of sulphites and is therefore a convenient test for the presence of a 
sulphite. It is also a convenient way of preparing sulphur dioxide in the laboratory. 


Whenever we burn coal, coke or fuel oil, we liberate sulphur dioxide into the 
atmosphere (9.5). Coal and coke contain between | and 2 per cent of sulphur, but the 
amounts in oil are frequently double these figures. There are three main effects of this 
high atmospheric concentration of sulphur dioxide: 
1. The gas has a strongly acidic smell and, when it is trapped with water vapour and 
smoke as fog, or ‘smog’, in an industrial region, it can cause respiratory diseases, such 
as bronchitis. 
2. Sulphur dioxide is particularly harmful to plant life. Even small amounts can 
destroy vegetation completely. This was shown in an extreme example in the early 
years of this century in Tennessee where smelting of sulphide ores was carried out at 
ground-level with no chimneys to carry the gases away. The sulphur dioxide collected 
as a concentrated low-lying cloud and killed all plant life for miles. A more recent 
example in Utah, also in the United States, was caused by using chimneys which were 
too short (about 60 m high), When the chimneys were built up to a height of 150 m 
and the gases were heated before they entered the chimneys, the fumes were spread 
over a wider area so that they were much more dilute and much less harmful, 
Sulphur dioxide enters plants through small holes in their leaves, called stomata, 
and is then absorbed into the inner cells of the leaves where it is converted into solid 
sulphites. If the mass of these sulphites builds up to 0-16 per cent of the dry mass of the 
leaves, the cells are killed. When the leaves are below 0:16 per cent, the cells may be 
able to convert them by slow oxidation to sulphates which are far less poisonous, Even 
so, if the masses of sulphates increase, they can also become toxic and this can best be 
seen in pine trees. Normally a pine tree keeps its needles for about three years, but, if 
sulphates build up in the needles, they can fall off in one or two years. In the 
industrialised Ruhr region of Germany, it has proved very difficult to replace pine trees 
because of sulphurous fumes in the air, and the Scandinavians claim that acid rain 
from sulphur dioxide pollution in Britain is blown across the North Sea, settling on 
pine forests where it stunts the growth of the trees. 
3. Sulphur dioxide in the air dissolves in rain-water, falling through the air, forming 
sulphurous acid. This is quite a strong acid and, if it falls on buildings made of 
limestone (calcium carbonate), it starts to dissolve the carbonate. It is for this reason 
that old buildings like York Minster or Lincoln Cathedral have suffered such damage 
to their outside surfaces in the period since the Industrial Revolution when the 
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Fig. 27.7 A pinnacle on 


York Minster before it 
was repaired. Sulphur 
dioxide pollution of the 
atmosphere is particularly 
harmful to the magnesium 
limestone from which the 
Minster is built. 
(Courtesy York Minster 
Library) 


27.18 

Reducing action 
of sulphur 
dioxide 


concentration of sulphur dioxide in the air has increased. The damage, resulting in the 
irreplaceable loss of the centuries-old stone work, will continue until the concentration 
of sulphur dioxide in the air is reduced and very carefully controlled. 

p | 


Í i 
If barium chloride solution is added to a freshly-prepared solution of sulphur dioxide 
a white precipitate forms. However, if dilute hydrochloric acid is then added, the 
precipitate dissolves. The solution contains sulphite ions and the precipitate formed 
with the barium chloride solution is therefore barium sulphite which dissolves in 
dilute acid. If, however, the solution of sulphur dioxide is allowed to stand in contact 
with air for some time before barium chloride solution is added, it still gives a 
precipitate. This time the precipitate does not dissolve when the dilute hydrochloric 
acid is added, showing that it is barium sulphate. Sulphite ions in the sulphurous acid 
have been oxidised to sulphate ions by oxygen in the air: 


SO,™ (aq) + 40,(g) > SO,?-(aq) 


Therefore an aqueous solution of sulphur dioxide (sulphurous acid) is a reducing 
agent: This is confirmed by the reactions of the solution with oxidising agents such as 
hydrogen peroxide, potassium manganate(VII), potassium dichromate(VI) and the 
halogens, These reactions are described below. 


1. Reaction of sulphurous acid with hydrogen peroxide solution i 
An aqueous solution of sulphur dioxide is immediately oxidised to sulphuric acid 
solution by hydrogen peroxide: 


H,SO,(aq) + H,O,(aq) > H,SO,(aq) + H,O(1) 
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27.19 
Uses of sulphur 
dioxide 


There is no visible change in the mixture as the reaction takes place. If, however, 
sulphurous acid solution is set up in a cell in series with an ammeter and hydrogen 
peroxide solution (itself not an electrolyte) is then added, the conductance of the 
solution is seen to rise. The sulphuric acid, formed in the reaction, is more fully ionised 
than sulphurous acid. 


2. Reaction with acidified potassium manganate(VII) solution 

If sulphur dioxide is passed into potassium manganate(VII) solution, acidified with 
dilute sulphuric acid, the purple solution is rapidly decolourised. This is in contrast to 
the reaction with hydrogen sulphide as no precipitate is formed. The same change is 
observed when acidified potassium manganate(VI1) solution is added to sulphurous 
acid or to a solution of a sulphite and makes a useful test for detecting sulphur dioxide 
or sulphite ions in solution. The sulphite ions are oxidised to sulphate ions. 


3. Reaction with acidified potassium dichromate(VI) solution 

Sulphur dioxide or a solution containing sulphite ions turns an orange solution of 
potassium dichromate(VI), acidified with dilute sulphuric acid, green. Again the 
sulphite ions are oxidised to sulphate ions and the reaction can be used as a test for 
sulphur dioxide or sulphite ions in solution. 


4. Reactions with the halogens 

An aqueous solution of sulphur dioxide, or a sulphite, is oxidised to sulphate by any of 
the halogens. The halogen is decolourised as it is reduced. For example, in the case of 
chlorine: 


oxidised 


Í | 
H,S0,(aq) + Cla (aq) + H,O (1) > H480, (aq) + 2HCI(ag) 


reduced 


5. Reaction with iron(II) chloride 
An aqueous solution of sulphur dioxide or of a sulphite converts the yellow or orange 
solution containing iron(III) ions to a pale green one containing iron(II) ions: 


oxidised 


I } 
SO,?-(aq) + H,O(1) + 2Fe*t(aq) —> SO,2-(aq) + 2H*(aq) + 2Fe*+(aq) 
| i) 


reduced 


Again there is an obvious difference between this reaction and the corresponding one 
with hydrogen sulphide in which a precipitate of sulphur is formed as the reduction 
proceeds. 


Sulphur dioxide has for a long time been used as a bleach for delicate materials such as 
wood pulp (in paper making), wool, silk and straw. The bleaching action is due to 
the reduction of the coloured materials: 
H,O(1) + SO,(g) + [O] > H,SO,(aq) 
from the 
dye 

In some cases the bleaching is not permanent. In paper for example, the oxygen 
removed by the sulphur dioxide is replaced by oxygen from the air and this is the 
reason for old paper slowly turning yellow. ` 


In countries which have plentiful wood supplies, sulphur dioxide is used for the 
production of wood pulp by the sulphite process which consists of heating chips of 
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27.20 
Manufacture of 
sulphuric acid 


-wood with calcium hydrogensulphite solution (made from slaked lime and sulphur — 
dioxide) and sulphur dioxide under pressure. This dissolves all the constituents of the _ 
wood apart from the cellulose which is to be used for making the paper. = 

Sulphurous acid is one of the few acids which are allowed as preservatives in food. 
Sulphur dioxide has been used for this purpose for at least five hundred years. The ` 
gas is generally used with acid foods, such as jam, dried fruit and soft drinks, and it 
slows down or prevents the growth of bacteria and moulds. With fruit sulphurous acid ~ 


catalyst during the oxidation. sae er 
The oxidation of sulphur dioxide by oxygen, forming sulphur trioxide, is an 
exothermic, reversible reaction, 


SO,(g) + $0,(g) = SO,(g) AH = —98 kJ moles 


and the result of the reaction is an equilibrium mixture of the three substances (22.17). 


has the advantage of being a reducing agent and it protects components in the food, — Fig. 27.8 Changes in the 3800 j- 

like Vitamin C, which are easily destroyed by oxidation. Being a bleaching agent, it use of sulphur and 3600 |- rip Se 

also prevents the formation of a brown colour in fruit and vegetables. A dilute solution anhydrite as sources of 3400 |- 

of sulphur dioxide is used for the preservation of fruit in the manufacture of jam, the sulphur dioxide for the 

fruit simply being submerged in the solution until required. Most of the sulphur manufacture of sulphuric 920017: ie 
dioxide is driven off in cooking and the finished jam must not contain more than 100 acid in the UK 3000 |+- x 


parts per million of the gas. ‘os 


Liquid sulphur dioxide is used as a solvent for obtaining kerosene and lubricating 
oils from petroleum oil fractions. The compound is also used for making a range of 
chemicals such as sulphites, hydrogensulphites, dyestuffs and liquid sulphur trioxide 
(Sulfan) which is used in the production of detergents. 


From sulphur 


2800 [ 

2600 oa 
2400 |- 

2200 + He 


All of the sulphuric acid produced in the United Kingdom is made by the Contact 
Process, in which sulphur dioxide is catalytically oxidised by oxygen in the air to give 
sulphur trioxide: 


280,(g) + O2(g) = 2SO,(g) 
The product is then made to combine with water to give the sulphuric acid: 
SO,(g) + H,O(l) > H,SO,(aq) 


The sulphur dioxide for this Contact Process used to be obtained from a number of 
sources: 
1. Burning sulphur: 


Production of sulphuric acid in U.K./1000 tonnes 
Š 
T 


From anhydrite 


ol i: 1 1 ean L 
66 67 68 69 70 7 72 73 74 75 
Year 


S(1) + O,(g) > SO,(g) 
2. Roasting sulphide minerals which are used for producing metals, e.g. zinc blende 
2ZnS(s) + 30,(g) > 2ZnO(s) + 2SO,(g) 


3. Anhydrite (anhydrous calcium sulphate) was used as a source of sulphur dioxide in ` 
the U.K. The anhydrite process was operated at Billingham from about 1930. Ic 
was the existence of deposits of this mineral in that area which led to the development 
there of I.C.I.’s factory (one of the biggest chemical works in Europe). The process had 


Le Chatelier’s Principle (22.15) tells us that the lower the temperature, the more 
sulphur trioxide there is in the equilibrium mixture. Below 400°C, however, the rate at 
which equilibrium is established is low (it would take far too long to obtain the 
product). Therefore it is necessary to use a temperature which is a little above that 


Fig. 27.9 The part of the — 


the advantage of producing cement (one tonne for every tonne of: sulphuric acid made) heey i 
as the by-product. The method has now become too expensive because of the higher a PAR 
cost, in recent years, of the oil used for heating the mixture. The fuel costs associated ai RAAT 

with the sulphur process are much lower, because itis an exothermic reaction. Fig. 27.8 Coun ICI Lid 
shows how the importance of these two processes in the U.K. has varied. aoe Division) 


_ To produce sulphur dioxide from sulphur, the molten element is sprayed into excess 
dry air, in which it burns at a temperature of about 1000°C. The combustion 
provides valuable energy for the rest of the process. Air is dried by passing through 
concentrated sulphuric acid before the combustion to prevent the formation of acidic 
fumes in the plant at a later stage. The mixture of gases is cooled to 450°C before 
being passed to the hot gas filter, in which particles of dust arc removed by passing the 
gas near an electrically charged conductor. Failure to do this may result in the 
poisoning of the catalyst during the oxidation. 
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value to guarantee a yield in a reasonably short time. Again, to ensure equilibrium is 
achieved as quickly as possible, a catalyst is used. 
Vanadium(V) oxide (V,O;), which is an oxide of a transition metal, is the catalyst Manufacture of 
used. It is used on a silica support to spread it out and so give it maximum surface area. pier chemical 19% 
The yield of sulphur trioxide is also theoretically improved by the use of a high 
pressure, but satisfactory yields can be obtained by using a pressure just slightly above 
that of the atmosphere. 
Despite the comparatively high temperature, the conversion of 98 per cent of the Siis 
sulphur dioxide to sulphur trioxide can be achieved by passing a mixture ofthe sulphur 
dioxide and air through the catalyst a number of times. Metallurgy 2% 
Sulphur trioxide gas, formed in the converter, cannot be directly absorbed in water Fertilisers 30% Dyes 2% 
because it would start to dissolve in the water vapour over the water, forming a mist of Oil industry 1% 
droplets of sulphuric acid. This does not condense and can easily pollute the ———— Miscellaneous 11% 
atmosphere breathed by the plant workers. Sulphur trioxide is therefore absorbed in 
concentrated sulphuric acid (98% sulphuric acid), The percentage of sulphuric acid 
in the solvent could therefore be increased to 99:5% but, as it is circulated in the 
absorption tower, water is added to keep the concentration at 98%. This dilution is 


Fig. 27.11 Uses of 


—————=Paints 16% 
sulphuric acid 


Detergents 12% 


_ Natural and man-made 
fibres 10% 


me, i i i bout 4 million tonnes of sulphuric acid which 
27.21 Industry in the United Kingdom uses a n tonr juric whict 
SO, + H,O > H,SO, AH = —130 kJ mole- Uses of represents only about 3% of the total world production, ros asain i U.K. 
; i ul; ic acid produced acid which are used by the various outlets are shown in Fig, 27.11, jka 
ine co Superphosphate is a valuable fertiliser, made by reacting calcium phosphate, whic! 
Pa occurs as the mineral phosphorite or rock phosphate, with 70% sulphuric acid. The 
acid 


product is more soluble in water and therefore a better plant food than the parent 


but the heat is released at low temperature and cannot be used to produce steam. The mineral: 


acid has therefore to be cooled by large air or water coolers. 


Ca,(PO4)(s) + 2H,SO,(aq) > Ca(H,PO,),(s) + 2CaSO,(s) 
Fig. 27.10 The Anhydrous superphosphate 
preparation and collection ras parcium ; i i iliser (33.10) which 
Sty Platinised chloride (to i nium sulphate) is a nitrogenous fertiliser (33.10) which 
of sulphur trioxide asbestos (catalyst) Koit Sulphate of ammonia (ammo p! 


moisture) encourages top growth of plants and is made by neutralising ammonia with sulphuric 
ba important constituent of modern paints is one of the whitest compounds 
known, titanium (IV) oxide. It is manufactured from a black sand eae pas >y 
treating it with sulphuric acid and then hydrolysing the titanium su p pe for hg í 
The impurities in the sand (mainly iron) remain in solution in the su P m ac ic . f 

Detergents are made by treating vegetable dils with concentrated sulphuric acid 


a 
Sulphur 
dioxide 


x A pacti -fi 5 cel se with carbon 
(32.12). Viscose rayon is made by reacting non Perona i genera rae sta 

Ice and water disulphide and aqueous sodium hydroxide to form a 80 ution of; D on awh i 

Mo.condenss called cellulose xanthate. This is then squirted into dilute sulphuric acid to 

the sulphur ; p 

trioxide) cellulose in fibre form. 


The main use of sulphuric acid in metallurgy is for the ‘pickling’ of steel, in which 


is cleaned before it is galvanized, tin-plated (19.11) or 
Concentrated sulphuric Sulphur the surface of the metal is clea 

acid (to dry gases and trioxide enamelled. 

check flow-rate) crystals 


The conversion of sulphur dioxide to sulphur trioxide can be demonstrated on a 
small scale in the laboratory, using the apparatus shown in Fig. 27.10. Sulphur dioxide ic acid is the fact that this d 
is passed slowly, and the oxygen a little faster, while the platinised ici catalyst in The reason for the large number oia iy cash gee ae or e, 
the tube is heated gently. A white smoke, which is sulphur trioxide, forms in the tube: can react in a number of ways. In the following sectio are 


the ways in which the compound will react: 
28O;(g) + O,(g) = 280,(g) pe 
l as a sulphate, 


. as a dehydrating agent, 
. as an oxidising agent. 


Some of the sulphur trioxide condenses as a white solid in the cold 
apparatus is dry (SO, freezes at 17°C). 

It is important that the catalyst is heated gently,. 
equilibrium position lies to the left (22.17) 


-trap, provided the 


as at high temperatures the 
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27.23 
Sulphuric acid 
as.an acid 


27.24 
Sulphuric acid 
as a sulphate 


When sulphuric acid is dissolved in water to give the dilute acid, the water causes the 
molecules to split up into ions in two ways, 


H,SO,(l) + H,O(1) H,O+(aq) + HSO, (aq) 
and H,SO,(l1) + 2H,O(1) 2H;O*(aq) + SO,?-(aq) 
Because both interactions result in the formation of hydroxonium ions (H,O*), dilute 
sulphuric acid will show the usual properties and reactions of an acid. For simplicity 
a dilute solution of sulphuric acid is usually represented by: A 
2H*(aq) + SO,?-(aq) 


L. Reaction of dilute sulphuric acid with metals 
Dilute sulphuric acid reacts with the metals above hydrogen in the reactivity series 
(17.9), giving off hydrogen and forming the sulphate of the metal. 


e.g. Mg(s) + H,SO,(aq) > MgSO,(aq) + H;(g) 
or Mg(s) + 2H*(aq) —> Mg*t(aq) + H,(g) 


The vigour of the reaction is greater, the higher in the reactivity series the metal is. 
Copper does not react with the dilute acid, although it does react with the 
concentrated acid, to give sulphur dioxide (27.26). 


2. Reaction of dilute sulphuric acid with bases 
Dilute sulphuric acid reacts with à base, forming a salt (the sulphate) and water, 


eg. CuO(s) + H,SO,(aq) —> CuSO,(aq) + H,O(1) 
or CuO(s) + 2H+(aq) —> Cut(aq) + H,O(I) 


Sulphuric acid can ionise in aqueous solution to produce two anions, hydrogensul- 
phate (HSO,~) and sulphate (SO,?-). Therefore it is possible, by Shtrctinng ie 
amount of base added to a sample of the acid, to prepare either a salt containing the 
first anion or a salt containing the other. Thus it is possible, simply by varying the 
volume of sodium hydroxide solution added, to prepare two sodium salts of the acid 
ina; hydrogensulphate (the acid salt) and sodium sulphate (the normal salt) 


= 
a 
ay 
TF 


NaOH(aq) + H,SO,(aq) > NaHSO,(aq) + H,O(!) 
2NaOH(aq) + H,SO,(aq) > Na,SO,(aq) + 2H,O(1) 
Bi Reaction of dilute sulphuric acid with carbonates 
Cold dilute sulphuric acid reacts with a carbonate, liberating carbon dioxide and 
forming a sulphate and water, 
eg. MgCO,(s) + H,SO,(aq) > MgSO,(aq) + H,O(1) + CO,(g) 


The only apparent exceptions to this rule are the carbonates of calcium, lead and 
Ss pai e ony for a short time. The particles of the solid then become 
covered with a layer of the insoluble sulphate which prevents the aci ing i ‘ 

further contact with the carbonate (11.9). k P a comine ae 


Anaq ueous solution of: sulphuric acid containssulphate ions and, ifasolution containing 
lead, barium or calcium ionsis added, metal ionsandsulphateionscome together to form 
the insoluble metal sulphate: ` 


Ba?+(aq) + SO,?-(aq) > BaSO,(s) 


27.25 

Sulphuric acid 
as a dehydrating 
agent 


In each case a white precipitate is formed. 

The formation of the white precipitate of barium sulphate when barium chloride or 
barium nitrate solution is added is the test for sulphate ions in solution, the precipitate 
being insoluble in dilute hydrochloric acid, distinguishing it from barium carbonate, 
hydroxide or sulphite. 


If concentrated sulphuric acid is left in a beaker open to the air for a few weeks, the 
level of liquid is seen to rise noticeably. This is due to the absorption of water vapour 
from the air and demonstrates the liking (or affinity) of concentrated sulphuric acid for 
water. Itis a hygroscopic substance (10.16). This is confirmed when the concentrated 
acid is added to cold water. The mixture becomes very hot and perhaps even boils 
with the temperature then being about 120°C. Because of this heat being given out, 
whenever dilute sulphuric acid is made from the concentrated acid, the acid must be 
added to the water and not the water to the acid (it helps to remember to follow the 
alphabet—a to w). If the water is poured into the concentrated acid, it floats on top 
of the acid, being less dense, and the heat produced at the boundary of the two liquids 
is sufficient to boil the water which may be violently flung out bringing some of the 
acid with it. 

Not only will concentrated sulphuric acid absorb free water, it will also take from a 
substance the elements of water which are chemically combined in that substance, 
When this happens, the concentrated sulphuric acid is acting as a dehydrating agent 
(a ‘taker-away’ of water). Concentrated sulphuric acid is acting in this way in the 


following reactions. 

1. Reaction with hydrated copper(II) sulphate crystals 

Cold concentrated sulphuric acid slowly turns blue hydrated copper(II) sulphate 
crystals white as the water of crystallization is removed to give the anhydrous salt: 


CuSO,.5H,O(s) — 5H,O  —> CuSO,(s) 
blue removed white 
by the 
sulphuric 
acid 


2. Reaction with carbohydrates 
Carbohydrates are compounds of carbon, hydrogen and oxygen. In molecules of these 
compounds there are twice as many hydrogen atoms as oxygen atoms. A general 
formula for carbohydrates is therefore C,H,,O,. Carbohydrates are contained in all 
materials obtained from plants, and examples include glucose (C,H,,O,) and 
ordinary sugar (sucrose—C,,H,,0,,). 

Concentrated sulphuric acid removes the elements of water from carbohydrates, 
leaving carbon. The white substances therefore turn brown or black: 


CxHyyOy(s) - yH,O — xC(s) 
removed 
by the 
sylphuric 
acid 
If the carbohydrate is glucose or sucrose, the reaction is rapid and the mixture quickly 
becomes hot: 
CygH 204, (8) — 11H,O — 12C(s) 
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Sulphuric acid 
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27.27 
The oxidation 
states of sulphur 


It is the dehydration ofa carbohydrate which is responsible for the destruction of paper 
and cotton or rayon by concentrated sulphuric acid. These materia's consist largely of 
cellulose which is a polymer (31.10) made up of a large number of glucose molecules 
joined together. 

The corrosive action of the acid on your skin, which can be given a very severe burn, 
is due to the removal of water from the skin. Thus, concentrated sulphuric acid must 
always be treated with great care whenever it is used in the laboratory. 


3. Reaction with methanoic acid and ethanedioic acid 

Cold concentrated sulphuric acid reacts with methanoic acid (formic acid), which is a 
liquid or sodium methanoate (which is a solid). The colourless and very poisonous 
gas, carbon monoxide, is given off and can be collected over water: 


HCOOH(I) - H,O + CO(g) 
removed by 
the sulphuric acid 


When concentrated sulphuric acid is warmed with ethanedioic acid (oxalic acid) a 
mixture of carbon monoxide and carbon dioxide is formed: 


H,C,O,(s) — H,O > CO(g) + CO,(g) 
removed by 
the sulphuric acid 


The reaction can again be used for preparing carbon monoxide in the laboratory, but 
carbon dioxide has to be removed from the mixture by passing it through potassium 
hydroxide solution. 


Copper, which is below hydrogen in the reactivity series, does not react with dilute 
sulphuric acid, even when the mixture is warmed. However, if copper is heated with 
concentrated sulphuric acid, a pungent colourless gas which decolourises acidified 
potassium manganate (VII) solution is given off. A dark grey muddy solid is formed 
in the reaction mixture. If, after cooling, the reaction mixture is poured into. cold 
water, stirred and then filtered, a clear blue filtrate separates. The filtrate is copper(II) 
sulphate solution. The acid is acting as an oxidising agent and the gas given off is 
sulphur dioxide. 

If sulphuric acid is thought of as hydrated sulphur trioxide (SO,), we can say that 
the copper has been oxidised to copper(II) sulphate and sulphur trioxide has been 
reduced to sulphur dioxide (SO,). 

Copper(II) sulphate, having been formed from the concentrated acid in the absence 
of water, will be in the anhydrous form and will be a white powder in the grey sludge 
left at the end of the reaction: 


Cu(s) + 2H,SO,(1) + CuSO, (s) + 2H,O(g) + SO, (g) 
It is only when water is added that it turns blue. 


In this chapter we have discussed many sulphur compounds, but they can all be 
grouped under just three headings, according to the oxidation state of the sulphur. 
Sulphur has three oxidation states, i.e. —2, +4 and +6, which are shown in hydrogen 
sulphide, sulphur dioxide and sulphur trioxide respectively. All the other compounds 
mentioned in this chapter are related to the above three by simple acid-base reactions. 
Hydrogen sulphide is an acid whose salts are sulphides. Sulphur dioxide is the 
anhydride of sulphurous acid, whose salts are sulphites and hydrogensulphites. 
Sulphur trioxide is the anhydride of sulphuric acid, whose salts are sulphates and 
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TABLE 27.1. The 


compounds and oxidation 


states of sulphur 


27.28 
Summary 


hydrogensulphates. The chemistry of sulphur can then be neatly summarised in 
Table 27.1 Movement ‘up-and-down’ involves only acid-base reactions. Movement 
‘left-to-right’ involves oxidation of the sulphur, and movement ‘right-to-left’ involves 
reduction of the sulphur. 


OXIDATION STATE 
OF SULPHUR 


OXIDATION ————-> 
-2 0 +4 +6 


E o RETO 


Oxides 
Acids H,S H,SO, H,SQ, 
Acid salts NaHS NaHSO, NaHSO,| 


Normal salts 
Normal ions 


Na,S Na,SO, Na,SO, 
st SO, SO, 


The oxidation state (number) of sulphur itself is considered to be zero and in hydrogen 
sulphide and sulphide salts it is taken as —2 because the conversion of hydrogen 
sulphide to sulphur is a clear example of oxidation: 


H,S + [O] > S + H,O 


A point worth noting is that for the three acids in the table the acidic strength 
increases from left to right—i.e. with the oxidation state of the sulphur. Thus 
sulphuric acid is a stronger acid than sulphurous acid, which, in turn, is a much 
stronger acid than hydrogen sulphide. This behaviour is typical of an element with 
variable valency. 


1, Sulphur is a very important non-metallic element which occurs uncombined in 
certain areas of the world and which can also be obtained from petroleum oil. 

2. There are two allotropes of solid sulphur, rhombic sulphur and monoclinic sulphur. 
Rhombic sulphur is the more stable below 96°C, and monoclinic above 96°C. 

3. When sulphur is heated it melts and the molten sulphur shows changes in colour 
and viscosity as the temperature is raised. These changes are explained by the 
different arrangements of the atoms of sulphur. 

4, Sulphur will combine with metals, forming sulphides, and if dilute acid is added to 
a sulphide, hydrogen sulphide is given off. ih 

5, Hydrogen sulphide is a smelly poisonous gas which dissolves in water, giving a 
weakly acidic solution. It precipitates metal sulphides when passed into solutions of 
metal salts, and it is a reducing agent. 

6, When sulphur is burnt in air or oxygen it forms sulphur dioxide, a colourless gas 
which dissolves in water to give sulphurous acid. When sulphurous acid is 
neutralised with alkalis, sulphites are formed. Sulphurous acid is a powerful 
reducing agent. 4 

7. Sulphuric acid is a very important industrial chemical as it is used in the production 
of many other substances. It is manufactured from sulphur dioxide by the Contact 
Process. ; 

8. Sulphuric acid, when itis dilute, will react as an acid and as a sulphate, and, when it 
is concentrated, as a dehydrating agent. When it is hot and concentrated, it will 
oxidise metals. ; 

9. Sulphates can be tested for by adding dilute hydrochloric acid and barium chloride 


solution. 
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Investigation 
28.1 


Fig. 28.1 The 
preparation of carbon 
dioxide 


" Questions 
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Carbon and its compounds 


What are the properties of an aqueous solution of 
carbon dioxide? 

æ You will need a suitable small-scale apparatus for generating carbon dioxide, 
Fig. 28.1. The gas which is given off should pass through water in order to 
remove acid spray. 


Dilute 
hydrochloric 
acid 


Marble 


(a) Take 3-4 cm° of purified water in each of two clean test-tubes, and add a 
drop of litmus solution to each. Keep one tube as a ‘neutral’ comparison. 
Bubble carbon dioxide into the other for a little while and note whether a 
colour change occurs. 
Then boil the liquid gently for a minute or so and compare the colour once 
more with that of the ‘neutral’ tube. 
æ Repeat the experiment using Universal Indicator instead of litmus. 


1 Is carbon dioxide solution strongly acidic or weakly acidic? 
2 What happens to the acidity when the solution is boiled? What is the 
likely explanation of this? 


œ (b) Pour about 3 cm? of lime water into a test-tube and keep it for use in a 
moment or two. 
Take another test-tube and allow carbon dioxide to pass into it for 10-15 
seconds. Now ‘pour’ (Fig. 28.2) the invisible carbon dioxide gas from this 
tube into the tube containing the lime water. Then close the mouth of the 


tube containing 
carbon dioxide 


Lime water HE 


Fig. 28.2 Pouring carbon 
dioxide 


Questions 


Investigation 
28.2 


Questions 


Questions 


latter tube with finger or thumb and shake it vigorously up and down. The 
lime water should go milky (28.13). 
This is the specific chemical test for carbon dioxide, and you will need to 
carry out this test in many of the following investigations in this chapter. 
(c) Pour 2-3 cm? of sodium’ hydroxide solution into a test-tube and then 
SS bubble carbon dioxide through the solution for about 30 seconds. Carefully 
heat the liquid until it boils to see if carbon dioxide is given off. (Look for 
effervescence, and test the vapour with lime water if you think necessary.) 
Cool the tube under the tap for a few seconds, and cautiously add 
2-3 cm? of dilute hydrochloric acid, If effervescence occurs, test the gas 
æ given off with lime water as in part (b) of this investigation. 


3 Was any carbon dioxide absorbed by the sodium hydroxide solution? 
(How can you tell?) 

4 Ifso, was it expelled on heating or was it expelled by the addition of dilute 
hydrochloric acid? 

5 What type of chemical reaction must occur between carbon dioxide and 
sodium hydroxide, and what type of substance will be formed? 


Whatare the properties of the salt, sodium carbonate? 
æ (a) Pour separate 2 cm? portions of sodium carbonate solution into two 
test-tubes and test one with litmus and the other with Universal Indicator. 
Then to one portion (either one) add dilute hydrochloric acid. 
Observe what happens, and carry out the appropriate test to identify the 
æ gas evolved. 


1 On the basis of the effect an aqueous solution of sodium carbonate has 
on indicators, what ion must be present in the solution? 

2 What gas is given off when sodium carbonate solution is acidified? 
3 What kind of substance will be left in solution when sodium carbonate 
reacts with an acid? 


œ (b) In five separate test-tubes put 2 cm? portions of solutions of barium 
chloride, calcium chloride, magnesium sulphate, zinc sulphate and 
copper(II) sulphate, respectively. 

To each tube, add 1-2 cm? of sodium carbonate solution, with stirring, 
and note what happens. Then to each tube add 2-3 cm? of dilute 

æ hydrochloric acid, stir well with a glass rod, and note what happens. 


4 What do you think the various precipitates were? 
5 What happens to these precipitates when a strong acid is added? 


æ (c) Puta few crystals of hydrated sodium carbonate (washing soda) in a dry 
test-tube supported horizontally in a clamp. 

Heat the crystals fairly gently until no further change occurs, making 

careful observations, and testing for carbon dioxide being given off in the 


usual way. 
Allow the residue to cool, then remove the tube from the clamp and add 


dilute hydrochloric acid. Observe what happens, and again test for carbon 
æ dioxide. 
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Question ~ 6 What do you think the residue was, and so what do you think happen Question 1 On the basis of these observations, did the substance decompose on 
when hydrated sodium carbonate was heated? heating or not? If it did decompose, what could the residue be? 
œ (b) Put separate small portions of the substance in three test-tubes. To these 
tubes add 3—4 cm? of, respectively, dilute nitric, hydrochloric and sulphuric 
Investigation What is * A acids. Test for carbon dioxide in the usual way. 
28.3 E the action of heat and acids on marble? Compare the three results. If any reaction seems to be feeble, try warming 
Geinn = (a) Weigh a lump of marble and then place it on the edge of a gau the reaction mixture to see if this makes any difference. 
Heat p { supported by a tripod (Fig. 28.3). æ Repeat the procedure with other carbonates. 
strongly L ——— = Holding the Bunsen burner in your hand, allow the hottest flame to pl 
Marble directly on the surface of the marble, over a large area, for 10-15 minuti Questions 2 What is the general reaction of carbonates with acids? 


3 If any of your reactions failed to go readily, what could be a possible 
explanation? 


Fig. 28.3 and without touching it with your fingers, weigh again and record any, 


Investigation What are the properties of the acid salt, sodium 
28.5 hydrogencarbonate (sodium bicarbonate)? 


(a) Puta little solid sodium hydrogencarbonate in a dry test-tube supported 
horizontally in a clamp. Heat the solid gently, observing carefully, and test in 


Now put the lump of heated marble in a dish or basin and allow water to 
drip on to it, a little at a time. Observe carefully what happens. Finally add 


sufficient water that excess liquid is present, and test this liquid with litmus 
æ% papers. 


Questions 


MPs What isthe chomi the usual way for carbon dioxide being given off. 
2 plat oo amica, pame of marble X Allow the residue to cool, then remove the tube from the clamp and add 
id the marble gain something or lose something when it was heated? dilute hydrochloric acid. Observe what happens, and again test for carbon 
3 What type of substance must have been present in the liquid at the end oi æ dioxide. 
the experiment? 
i i 1 Which two products were given off when the sodium hydrogen- 
-~ Oran a lump of marble in a test-tube and add some dilute hydrochloric Questions carbonate was Bii, 
acid. Make a mental note of the rate of reaction and do the appropriate test 2 in order to explain the reaction of the residue with acid, what must be 
to confirm the identity of the gas given off. Š present in the residue? 
2 Now pour off the acid, rinse the marble with water, and treat it with dilut 
nitric acid. Compare the reaction with the previous one. æ (b) Pour about 3cm? of sodium hydrogencarbonate solution into a test- 
Again, pour off the avid and rinse the marble with water. Now treat it with tube and add dilute hydrochloric acid. Observe the result, and identify the 
æ dilute sulphuric acid, and compare the reaction with the previous ones. æ gas given off. 
a i pawn 
uestions 4 What gas is given off in these reactions? Questions 3 What gas is given off? 
5 What kind of substance will be formed in solution in each case? 4 What type of substance will be left in solution? 
6 What is a possible explanation for one of the acids being less effective in 
dissolving marble? 
Investigation What happens when excess carbon dioxide is passed 
28.6 into lime water? 
à ; E i i i he same 
Investi: For this experiment carbon dioxide should be generated using t 
gation How do metal carbonates behave when heated and apparatus as in Investigation 28.1 


28.4 when treated with acids? 


Substances which you may be asked to investigate include barium 


carbonate, copper(I) carbonate, lead (I1) carbonate, magnesium carbonate 
and zinc carbonate. 


(a) Put about 5cm? of lime water in a test-tube and bubble carbon dioxide 
through it until two changes have occurred. Save the resulting liquid for part 
æ (b) of this investigation. 


i 5 yes Questions 1 The first change you observe is the appearance of milkiness which 
etl) Aad pomen of ue of the substances in an ignition-tube. indicates the presence of an insoluble white substance. What is this 
Test for carbon dioxide being given off in the usual way, and note any substance? 


change of appearance which occurs in the solid. When no further change 
seems to occur, even on fairly strong heating (but don’t melt the tube!) 
allow the residue to cool, watching for any change in appearance as it does 
so. 


When the residue is cool, add dilute nitric acid and note whether or not 
@ effervescence occurs. 


2 The second change is due to the formation of a soluble substance. What 
might this substance be? 


œ (b) Warm the liquid from the first part of this investigation in a Bunsen 
@ flame until it has boiled gently for 2 or 3 minutes. 


298 


Question 


28.7 
The element, 
carbon 


28.8 
The carbon cycle 


Fig, 28.4 The carbon 
cycle. The time scales for 
the various pathways 
differ enormously 


3 Boiling converts the soluble compound which was formed when excess 
carbon dioxide was passed through the lime water into an insoluble 
compound. What do you think the insoluble compound is likely to be? 


Carbon is one of the most widely distributed elements in nature, and one of the 
elements upon which all life is based. All organic (animal and vegetable) matter 
contains carbon compounds. The range of carbon compounds derived from living 
sources is so vast that it forms a separate branch of chemistry called organic 
chemistry. Some organic chemistry is covered in Chapters 30, 31 and 32 of this book. 
The present chapter is concerned mainly with carbon compounds which are obtained 
from minerals. 

In mineral sources, carbon occurs in rather small quantities as the element itself. 
Carbon shows allotropy (16.5), and its two allotropic forms, graphite and diamond 
are both found naturally. Graphite occurs as the mineral called plumbago or ‘black 
lead’ (as in ‘lead’ pencils), while diamond is, as you know, a very precious stone. (Fora 
comparison of these allotropes see 28.11.) 

Carbon also occurs in the substances known as fossil fuels, namely coal, petroleum 
and natural gas. These substances, found in vast underground deposits, were formed 
by the decay and compression, over millions of years, of ancient forests and remains of 
marine organisms, and so are ultimately of organic origin. They are of major 
importance as fuels (see below). 

Carbon occurs in large quantities as carbonates, one of the major examples being 
calcium carbonate, found as chalk, limestone and marble. It also occurs in the 
atmosphere, as carbon dioxide. The proportion of carbon dioxide is small, but it plays 
a vital part in the life-cycle of animals and plants. 


The processes by which carbon is distributed around the Earth’s surface are very 
complex, but some of the pathways in the cycle are shown in a simplified form in Fig. 
28.4. A key part of the cycle is the atmosphere, which contains about 0-03% (by 
volume) carbon dioxide. This figure remains almost constant, because of a delicate 
balance between formation and removal of carbon dioxide. 


Carbon dioxide 
in atmosphere 


Dissolved 
carbon 
cioxide 


dissolves in 


photosynthesis in 


rain and rivers 
plants 


flows through 
chalky rocks 


eaten as 
food 


Hydrogen- 
carbonates 
in solution 


Animals 
and humans 


used up by 
marine 
animals 


Shells of 
marine 
animals 


a fuels burnt 


and decay 
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28.9 

Natural 
substances as 
fuels 


The process of photosynthesis in plants is extremely important, because it not only 
removes carbon dioxide from the atmosphere but also regenerates the oxygen in the 
atmosphere which is:required for animals and humans to breathe. Photosynthesis 
involves the building ‘up, in the leaves of plants, of carbohydrates—in particular 
starch, which consists of very large molecules (relative molecular mass between 10000 
and 100000). The molecules can be considered as being made up of units of formula 
CHO; joined together, and hence its formula is usually written as (CgHyOs)n, 
where n i'a very large number. The overall reaction is: 


carbon dioxide + water — starch + oxygen 


This is a photochemical reaction (23.14) as sunlight provides the energy necessary to 
make thé reaction proceed. Chlorophyll in the leaves of plants acts as a catalyst for the 
reaction, Using formulae, the reaction can be summarised by: 


6nCO, + 5nH,O > (CyH,,0,)n + 6n0, 


When plants are eaten the starch is hydrolysed, thatis, broken down by the action of 
water, This reaction is catalysed by enzymes in saliva and the product is glucose: 


(CgHyoO;), + nH,O > nC,H,,0, 


This glucose acts as the source of energy in the body, as it is slowly oxidised to carbon 
dioxide and water using inhaled oxygen: 


SHRON + 60, + 6CO, + 6H,O (exothermic) 
(inhaled) (exhaled) 


The fossil fuels mentioned above consist largely of hydrocarbons (30.3), which are 
compounds of carbon and hydrogen only (though coal contains a high proportion of 
elemental carbon). Hydrocarbons, on burning, release a lot ofheat and the products of 
combustion are fairly harmless, provided that a good oxygen (air) supply is available: 


hydrocarbon + oxygen > carbon dioxide + water vapour 


This is why they are so valuable as fuels. ae 
If the oxygen supply is inadequate, some of the carbon esdapes oxidation and 


appears as soot. This creates pollution problems if boilers and furnaces are not properly 
maintained. Motor vehicle engines gradually accumulate deposits of carbon inside the 
cylinders, and then need to be stripped down and decoked by scraping off this carbon 
- deposit. With coal there is the further problem of pollution by sulphur compounds 
(9.5 and 27.17). r 
The advantage of the modern fuels, oil and natural gas, is that they can be purified 
at the refinery (31.5) so that they burn more cleanly and, pollution problems are 
reduced. 
Until the large-scale extraction of fossil fuels was developed, wood was burnt as a 
fuel. Again, the products of complete combustion are carbon dioxide and water 
vapour. However, by deliberately limiting the oxygen supply carbon can be made to 
escape oxidation almost completely and we are then left with charcoal, which is a 
fairly pure form of carbon. 


Coal can be carbonised by heating it in the absence of air. In this case the solid 


roduct is known as coke and consists mainly of carbon, The gaseous prod uct is coal 
gas (31.3). Coke is used in domestic fires in smokeless zones, since it burns quite 
cleanly producing little pollution. (For more discussion of fuels see 9.3 and 31.6.) 
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the oxides of lead, zinc and iron to the metals (Chapter 24). In the laboratory, the 
reducing action of carbon can be shown by heating a mixture of lead(II) oxide with 
charcoal for several minutes in a crucible. After a while, a bead of molten lead formsin 


the bottom of the crucible: 
PbO(s) + C(s) > Pb(l) + CO(g) 


The initial oxidation product is carbon monoxide but this burns, with a blue flame, to 
carbon dioxide at the surface of the mixture: 


2CO(g) + O(g) > 2C0,(g) 


Carbon monoxide is discussed later in this chapter (28.19). 


28.10 G ini 
Poora ah S testes he usual form, graphite (of which charcoal is an impure form), is a black 
sag itn H A ic element. It is one of the most involatile substances known aiid it is n 
rbon = ved by any common solvent. Unlike all other non-metals, it is a good E N, 
| rx Ae aie: eis a $ graphite, not to diamond). Therefore it is widely used 
electrodes for batteries and electrolytic cells i : 
| s k _ba | ele ytic cells, being also a rather 
PRE ec er, “ie ee anne soft (unlike diamond) and, although it is best 
| in ‘lead’ pencils, its most important use is as icant for r 
we ge e i imp use is as a lubricant for metal 
i y being applied as an emulsion with oil or w i ili 
all i r ater. Its insolubility and © 
me us reactivity make graphite an ideal component of printers’ ink and oth : 
indelible’ inks, since it will not fade or wash away. : 


28.11 The allotropes (16.5) of carbon, graphite and diamond, have the same chemical 
Graphite and properties but differ considerably in their physical properties. These differences are 
diamond summarised in Table 28.1. { 


TABLE 28.1 . Properties ae pene DIAMOND 
of graphite and 
diamond density 2:3 g cm? density 3-5 g cm~? 


opaque to light transparent ,to light 
electrical conductor electrical insulator 


very soft extremely hard 


28.12 The uses of graphite have been discussed above. The special properties of diamond 


Carbon dioxide make it highly prized as a precious stone for use in jewellery, but it is also important 
industrially in cutting tools such as circular saws. The cutting edges are impregnated 


with very small diamonds, and this improves both the cutting efficiency and the 
wearing qualities of the blade. 


Fig. 28.5 Uses of the different forms of carbon 
(a) A diamond-tipped blade Sawing a slab of 
a (Courtesy Christensen Diamond Products 


ks such as lemonade. Have you ever 
dissolved in the water 
ass, effervescence 


You are no doubt familiar with fizzy drin 
wondered what causes the fizz? The answer is carbon dioxide, 


under pressure. When you open the bottle and pour the liquid into a gl 
atmospheric pressure the solution is more than saturated 


(b) Carbon blocks being prepared for use as 
anodes in the production of aluminium. See 
Fig. 24.11. (Courtest RTZ Services Ltd) 


(b) Fig. 28.6 Solid carbon occurs, because at normal 
| RGA i dioxide being used to chill with the gas. Soda water, which was invented by Joseph Priestley, the discoverer of 
| A remarkable menal ae shellfish. (Courtesy oxygen (8.7), is simply a pressurised solution of carbon dioxide. Drinks such as 
property;oficha (a very finely-divided form of graphite) is its British Oxygen lemonade also contain sugar and various flavourings. An aqueous solution of carbon 
htly sharp taste which is rather pleasant. In 


dioxide is weakly acidic, giving it a slig 
some fizzy alcoholic drinks, such as champagne, the carbon dioxide is produced by the 

fermentation process (32.6). At normal atmospheric pressure 1 volume of cold water 

dissolves about-1 volume of carbon dioxide, so it is only moderately soluble. 

The reaction of hydrochloric acid with marble (calcium carbonate) is used as the 
standard laboratory preparation of carbon dioxide; a suitable apparatus is shown in 
Fig. 28.1. The mixture does not need heating and the gas is usually collected by 
downward delivery as it is denser than air and moderately soluble in water. 

Carbon dioxide is a colourless, odourless gas. It can be liquefied by compressing it 
(no cooling is necessary), and can be stored under pressure in cylinders. On cooling at 
normal atmospheric pressure it freezes at — 78°C to a white solid known as Dry Ice. 
This substance is useful as a refrigerant—e.g. when foods are being transported by road 
or rail—because as it evaporates (i.e. sublimes) it leaves no residue. 

Carbon dioxide is non-flammable and it does not support the combustion of most 
materials. This, coupled with the fact that it is denser than air, makes it very useful in 


| ah 
abilit i 
| | pit TAAT pein on to its surface (adsorption). It is used for decolourising 
ae Se mnEraee dyes (e.g. the removal of litmus from a solution), and 

hams S Shoes ease and by the food industry. Charcoal is alsorused 

= ; in special inner-soles for shi 
cab tata u n r shoes to prevent foot odour. 

eae Saenen heated to a high temperature, the only common element with 
y ines is oxygen. For example, ifthe charcoal is heated in air until it 


1s red-hot, and then put into pure oxygen, it glows white-hot as it burns. T roduct 
ot 
Pp ygi gl h s urns. The p 


C(s) + O,(g) > CO,(g) 


Alternati i i 
atively, carbon will continue to burn exothermically in ordinary air provided 


that a good draught is availabl i i 
Sia ee €, as in the type of domestic grate which has an air- 


e readiness of hot carbon €l ently great to make it a 
Th d bon to combine with oxygen is sufficien yg 
useful reducing agent. Industr ially , carbon (in the form of coke) is used for reducing 


Corporation) 
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My 


28.13 
Carbonic acid 


28.14 
Sodium 
carbonate 


fire-extinguishers, Some modern extinguishers contain carbon dioxide under pressure, 

' which is released by squeezing a lever. Carbon dioxide extinguishers have ar 

advantage over water extinguishers, since they may be uéed safely and effectively on 

electrical fires and on fires involving oil, petrol or fat. k 

Although most burning substances are extinguished by carbon dioxide, magnesiun 

is not. Ifburning magnesium ribbon is lowered into a jar of carbon dioxide it continue 

to burn (with a bit ofa struggle) and black specks of carbon are deposited in addition t 
white magnesium oxide: 


2Mg(s) + CO,(g) > 2MgO(s) + C(s) ; 
This reaction is very similar to the burning of magnesium in sulphur dioxide (27.15) 


The solution formed when carbon dioxide dissolves in water is a very weak electrolyte 

(showing that a few ions are preserit). It turns litmus a dull red colour, rather than 

bright red. This shows that hydrogen ions are present, but only in very small 

concentration. If carbon dioxide solution is boiled, it loses its acidity completely. These 28.15 

facts are explained by saying that carbon dioxide reacts reversibly with water to fori General 

the weak, unstable, carbonic acid (H,CO,). This in turn is partially ionised into properties of 
hydrogen ions and carbonate ( CO,?>) ions, carbonates 


H,O(1) + CO,(g) = H,CO,(aq) 
and H,CO,(aq) = 2H+(aq) + CO,?-(aq) 
Carbonic acid, like sulphurous acid (27.16), cannot be isolated as a single substance. 
Since carbon dioxide is an acidic oxide it reacts readily with alkalis to form salts 
(carbonates), and its reaction: with sodium hydroxide is discussed in the followi 
section. The reaction of carbon dioxide with lime water (calcium hydroxide solution 
is very important because this is used as the test for carbon dioxide. If carbon 


dioxide is shaken with lime water (or bubbled through lime water) the liquid turns 


milky. This is because the salt formed (calcium carbonate) is insoluble in water and 
forms a precipitate, 


CO,(g) + Ca(OH),(aq) > CaCO,(s) + H,O(1) 
or as another way. of looking at it: 
H,CO,(aq) + Ca(OH), (aq) + CaCO,(s) + 2H,O(1) 


Carbon dioxide is the only gas which turns lime water milky. 


When carbon dioxide (not in excess—see 11.17) is absorbed by sodium hydroxidi 
solution the salt formed is sodium carbonate, Na,CO,: Wi 


CO,(g) + 2NaOH (aq) > Na,CO, (aq) + H,O(1) 


The most common crystalline form of this salt is the decahydrate Na,CO,.10H,O, 
known as washing soda because ofits use in treating water hardness (10.25). If crystals 
of washing soda are left exposed to the air for a day or two they crumble into a white 
powder. The crystals are undergoing efflorescence (10.20) to the monohydrate: 


Na,CO;.10H,0(s) > Na,CO,.H,O (s) + 9H,O(g) 


If the crystals are heated they lose all their water of crystallization and the residue is 
anhydrous sodium carbonate, which is then stable'at the temperature of a Bunsen 
flame. Sodium carbonate is important in glass-making (29.6), 4 
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Sodium carbonate, although it is a salt, gives a solution in water which is alkaline. 
This is because carbonate ions react with water: 


CO,?-(aq) + H,O(l) = HCO, (aq) + OH-(aq) 


(HCO, is the hydrogencarbonate (bicarbonate) ion) 


This occurs because of the weakness of carbonic acid. Sodium carbonate solution 
reacts immediately with any strong acid at room temperature, neutralising the acid 
with liberation of carbon dioxide, 


e.g. Na,CO,(aq) + 2HCI(aq) > 2NaCl(aq) + CO,(g) + H,O(1) 
or CO,” (aq) + 2H+(aq) > CO,(g) + H,O(1) 


Sodium carbonate solution may be used as a test for acids, since the effervescence 
when the carbon dioxide is given off is easily observed. 


Most carbonates are insoluble in water (e.g. calcium carbonate formed in the lime 
water test), although they will usually dissolve, with vigorous effervescence, in strong 
acids, forming a new salt in solution, 


e.g. CaCO,(s) + 2HCl(aq) —> CaCl,(aq) + CO,(g) + H,O(I) 
and CuCO;,(s) + H,SO,(aq) —> CuSO,(aq) + CO.(g) + H,O(1) 


The action of strong acid is, in fact, used as a test for carbonates since the effervescence 
is easily observed and the gas given off may be identified by its action on lime water, 
Some carbonates do not react readily with acids because the salt formed in the 
reaction is insoluble in water. For example, calcium carbonate reacts very sluggishly 
with dilute sulphuric acid because the calcium sulphate formed is almost insoluble in 
water (11.9). ; puii 
Metal carbonates in general decompose to the metal oxide and carbon dioxide on 
heating, 
eg. CaCO,(s) > CaO(s) + CO,(g) 


The ease with which this type of reaction occurs depends on the reactivity of the metal 
concerned. Two carbonates Which are stable at the temperature ofa Bunsen flame are 
those of the reactive metals, potassium and sodium. The carbonates of these metals 
are also different from most other carbonates in that they are soluble in water. 

Ammonium carbonate is different from carbonates in general. It is soluble in water 
and when it decomposes on heating it leaves no solid residue: 


(NH,),CO,(s)  2NH,(g) + CO,(g) + H,O(g) 


Ammonium carbonate smells quite strongly of ammonia even at room temperature. 
This is why its old name is sal volatile and it is used in smelling salts. 


Many carbonates are found as minerals ; for example the green mineral PASNE is 
(basic) copper carbonate, cerussite is lead carbonate and calamine is zinc car rer 
By far the most common, however, is caléium carbonate which a ue r k, 
limestone, marble and calcite, and is a very important raw material Ts E ali 
industry (29.2). Eggshells and the shells of marine animals consist Ç ma cium 
carbonate, and so also does coral. Chalk cliffs—as in the South of Englan Pl 
formed, over many thousands of years, by the gradual deposition and compression of 
the shells of marine animals as they died. 
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hydrogen- 
carbonate 


28.18 
Calcium 
hydrogen- 
carbonate 


\ 
Sodium hydrogencarbonate (sodium bicarbonate), also known as bicarbonate of soda 


and baking soda, has the formula NaHCO,, It is the salt formed when only one of the- 


hydrogen atoms of carbonic acid (H,CO;) had been replaced by sodium. In this sense 
itis an acid salt as it still contains replaceable hydrogen. However, owing to carbonic 
acid being such a weak acid, a solution of sodium hydrogencarbonate is slightly 
alkaline (28.14). 

It is an important intermediate in the production of sodium carbonate (29.5) which 
is itself used in very large quantities in the glass industry. Its two common names may 
remind you of two ofits domestic uses. Firstly, as bicarbonate of soda (or an ingredient 
of health-salts or‘such products as Alka-Seltzer) it is used as an anti-acid in the 
treatment of indigestion. Excess acid in the stomach is neutralised by reacting with the 
sodium hydrogencarbonate: 


NaHCO;(aq) + HCl(aq) > NaCl(aq) + H,O(l) + CO,(g) 


Another ingredient in these products is a solid acid such as tartaric acid. When they are 
added to water the acid dissolves and reacts with some of the sodium hydrogen- 
carbonate giving off carbon dioxide which causes effervescence and makes the mixture 
more pleasant to drink. 

The other domestic use is baking powder which, also contains sodium hydrogen- 
carbonate and tartaric acid. The mixture is added to cakes to make them rise during 
baking. The heat causes the sodium hydrogencarbonate to decompose: 


2NaHCO;(s) + Na,CO,(s) + CO,(g) + H,O(g) 


The carbon dioxide which is given off causes the cake to rise. The acid is present to 
react with the sodium carbonate so that all the possible carbon dioxide is given off and 
the residue after the reaction is a tasteless salt rather than sodium carbonate which 
would result in an unpleasant taste. 

There are very few other hydrogencarbonates known; potassium hydrogen- 
carbonate is the only other common one which is solid. Calcium hydregencarbonate is 
important but it only exists in aqueous solution. Any attempt to evaporate the water 
results in it decomposing to calcium carbonate (see next section). 


When carbon dioxide is passed into lime water the solution becomes milky, owing to 
precipitation of insoluble calcium carbonate: 


CO,(g) + Ca(OH)2(aq) > CaCO,(s) + H,O(1) 


If, however, you continue to pass carbon dioxide for some time the milkiness 
disappears again. This is due to a second reaction, which forms the soluble salt 
calcium hydrogencarbonate, 


CaCO,(s) + CO,(g) + H,O(1) > Ca(HCO,),(aq) 
or as another way of looking at it: 
CaCO,(s) + H,CO,(aq) > Ca(HCO,),(aq) 


The solution can be made milky again by--boiling it. This results in the 
hydrogencarbonate decomposing back to the carbonate, the excess carbon dioxide 
being given off: 


Ca(HCO,),(aq) > Ca€O,(s) + CO,(g) + H,O(1) 


This is the general behaviour of hydrogencarbonates on heating ‘and it is very 
important with regard to the hardness of water which is discussed in 10.23. 


28.19 It is well known that it is dangerous to run the engine of a motor car inside a closed 
Carbon garage, because poisonous fumes build up after a while. The main culprit here is 
monoxide carbon monoxide, a colourless and odourless gas which rapidly causes death if 


breathed at a concentration of 1 % in the air. 

Carbon monoxide is a product of incomplete combustion of hydrocarbons. The 
product of complete combustion is of course carbon dioxide. Tt can be shown 
experimentally that carbon monoxide is produced when carbon itself is heated in 
carbon dioxide, using the apparatus shown in Fig. 28.7. 


Lumps of 
Silica dry 
tube Charcoal 


Carbon 
monoxide 


Carbon 
dioxide 


Water Concentrated Sae TEA Water 
sulphuric acid pis 
Fig. 28.7 The Lumps of dry charcoal are heated in a current of dry carbon dioxide gas, and carbon 
preparation and collection monoxide, which is insoluble in water, collects in the gas jar. The reaction is; 


of carbon monoxide 


C(s) + CO,(g) > 2CO(g) 
The purpose of passing the gas through a solution of sodium hydroxide is to ensure that 
unreacted carbon dioxide, being acidic, dissolves in the alkali and so does not collect in 


the jar. i i ; 
If, when the jar is full, a lighted taper is applied, the carbon monoxide burns with a 


characteristic blue flame, forming carbon dioxide: 
2CO(g) + O(g) > 2CO,(g) 
The gas can also be prepared by reacting sodium methanoate with concentrated 
sulphuric acid (27.25). 
28.20 Carbon monoxide is a colourless odourless gas with about the same density as air. It is 


Properties of almost insoluble in water or in alkaline solutions, and so is classed as a neutral oxide, as 


ioxi ich i acidic (28.13). 
opposed to carbon dioxide which is weakly acidic (2 ie 
carne, Carbon monoxide burns readily in air, forming carbon dioxide (see above). It 
monca combines with oxygen so readily that it will reduce the oxides of the less reactive 


metals on heating. Its action as a reducing agent is thus similar to that of hydrogen, 
eg. CuO(s) + H,(g) > Cu(s) + H,O(g) 
and CuO(s) + CO(g) > Cu(s) + CO,(g) 


Its role in the industrial extraction of iron is‘described in 24.9. ie d 
The reason for the extremely poisonous nature of carbon monoxide is that it 
combines with the haemoglobin of the blood more readily than oxygen does, The 
resulting compound, carboxyhaemoglobin, builds up in the bloodstream and prevents 
the blood from carrying a sufficient supply of oxygen from the lungs to the body tissues 


(9.5). 
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The carbonisation of coal has been mentioned earlier (28.9), the solid product of which 
iscoke. The oth¢r products are coal tar, a complex liquid mixture, and coal gas; both of 
which are discussed briefly in 31.3. Coal gas contains about 8% (by volume) carbon 
monoxide and here carbon monoxide acts as a fuel gas, though it is only a minor 
constituent 6f the mixture. The solid residue, coke, may itself be used to produce fuel 
gases based wholly or partly on carbon monoxide, as described: below. 

Tfair is blown through a bed of white-hot coke, the coke ( mainly carbon) is oxidised 
to carbon monoxide. This is actually a two-step process in which, firstly; carbon 
dioxide is formed, 


et AG C(s) + O(g) + CO,(g) 
but then this reacts further with the hot coke forming carbon monoxide: 
C(s) + CO,(g) > 2C0(g) 
Since the original oxidising agent was air, rather than pure oxygen, the final gas is a 
mixture of carbon monoxide and nitrogen (1:2 by volume) and is known as producer 
gas. Because of its high nitrogen content, producer gas has a relatively low calorific 
(heating) value, but it is cheap and may be-used, for example, in heating furnaces or 


boilers in industry. 
A different.reaction involves blowing steam through white-hot coke: 


: C(s) + H,O(g) + CO(g) + Ha(g) 


The product, which is a mixture of carbon monoxide and hydrogen, is known as water 
gas, and is discussed in 18.4. 


- Carbon.is an essential constituent of all living matter, and forms the basis of the 
various fossil fuels. The element itselfis fairly unreactive, but combines readily with 
oxygen when hot. Carbon shows allotropy, existing as graphite and diamond. 

2. Carbon dioxide gas dissolves in water to form carbonic acid, a weak acid, most of 
whose salts (carbonates) are insoluble in water, Lime water acts as a test for carbon 
dioxide. Sodium carbonate (washing soda) is soluble.in water giving a solution 
which is alkaline, 4 ERINES 

3. Carbonates in general give off carbon dioxide when treated with acids. Carbonates 
of the less reactive metals are decomposed easily by heat alone. Many carbonates 
occur as minerals, e.g. marble (calcium carbonate). 

4. Hydrogencarbonates (bicarbonates) are easily decomposed to carbonates on 
heating, giving off carbon dioxide. Only a few are known as solids (e.g. sodium 
hydrogencarbonate) ; some others are known only in solution (e.g. calcium 
hydrogencarbonate). 

5. Carbon monoxide is produced by incomplete combustion of hydrocarbons. It is a 

poisonous gas, which burns to form carbon dioxide. It forms the basis of various fuel 

gases, and may be used as a reducing agent for some metal oxides. 
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Chapter 29 


The alkali industry 


29.1 

The importance 
of the alkali 
industry 


Fig. 29.1 Raw materials 
and products of the alkali 
industry 


Uses 
fron extraction 
Cement and 

concrete 


heat 


Quicklime 
CaO 


water 


Slaked lime 
Ca(OH), 


Uses , 
Soil treatment 

Water softening 
Cheap alkali 


29.2 
-Limestone as a 
raw material 


The world consumption of alkali, in various forms, is over 60 million tonnes per year. 
From this fact alone we can see that the alkali industry is a very important one. The 
major raw materials of the industry are limestone (calcium carbonate) and salt 
(sodium chloride). Fig. 29.1 shows the connections between the raw materials and the 
products. Each part of the alkali industry will be described separately, but you can 
refer back to Fig. 29.1 in order to remind yourself of the connections between these 


various parts. 
LIMESTONE COMMON-SALT 
CaCO, NaCl 
electrolysis 


of brine 


Sodium 
carbonate 
Na, CO; 


Chlorine Uses 
Plastics 
Solvents 


Uses 
Water softening 
Food industry 


heat with 
sand 


Sodium 
hypochlorite 


NaClO 
| cies | H and 
te sodium chlorate 


NaClO, 


Uses 
Uses Bleach 
Soaps Disinfectant 
Paper making and 
Weed killer 


Limestone (CaCO,) is mined directly as a mineral. For different purposes it is either 
left in lump form, or ground to a powder. 


Direct uses of limestone i : i ‘ 
Limestone is used in the extraction of iron. It is added to the mixture of iron ore and 
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29.3 
Production of 
lime 


distribution of the lime. 


Fig. 29.2 A modern rotary limekiln at the Swindon Quarry, 
Yorkshire (a) A general view showing a conveyor belt 
delivering the limestone to the preheaters, the horizontal kilns, 
the lime storage silos, and the road and rail links for 


coke in the blast furnace in order to extract sandy impurities as a liquid slag, and this is 
explained in detail in 24.9. 

Another major use is in the manufacture of cement and concrete, substances which 
are of vital importance to the building industry. Cement is made by heating a mixture 
of limestone and clay to about 1500°C in a long rotary kiln. Clay is a hydrated 
aluminosilicate mineral which can be thought of as containing aluminium oxide 
(alumina, Al,O,) and silicon dioxide (silica, SiO,). Inside the kiln, limestone 
decomposes to quicklime (CaO), and this combines with the alumina and silica to form 
calcium aluminate (Ca(AIO,),) and calcium silicate (CaSiO,). The dry product is 
ground up and sold as a powder. When water is added to the mixture, complex 
chemical changes occur forming a hard interlocking mass of crystals of hydrated 
calcium aluminate and silicate. 

Concrete is a mixture of cement and a ballast of gravel or stone chippings which 
gives it body. After mixing it with water it is poured into wooden moulds where it sets 
hard. For reinforced concrete, steel rods or mesh are incorporated into the concrete 
during pouring. This gives the greatly increased strength which is required when 
building such structures as bridges and tall buildings. 


Lime is manufactured in very large quantities from limestone. Lumps of the rock are 
packed into a furnace called a limekiln and heated strongly (Investigation 28.3) for 
several hours. At around 900°C limestone undergoes thermal dissociation into 
quicklime (calcium oxide) and carbon dioxide: 


CaCO,(s) = CaO(s) + CO,(g) 


This reaction is reversible but, as discussed on 22.11, it can be made to go to completion 
by ensuring that the carbon dioxide formed is continually removed from the kiln. To 
achieve this, a good air draught is necessary and this is why vertical kilns are open at 
the top and have plenty of air entering at the bottom. The process is a continuous one, 
with lumps of quicklime being removed at the bottom and fresh limestone being added 
at the top. The more recently constructed kilns consist of a slightly inclined rotating 
tube which has the advantage that smaller lumps of limestone can be used. 

Quicklime has some direct uses, but most of it is treated with water to form calcium 
hydroxide, in a process known as slaking: 


CaO(s) + H,O(1) -> Ca(OH).(s) 
Water is dropped slowly on to quicklime and the lumps absorb the water, swell, break 


tubes, which are rotated to ensure uniform heating. (Both 
courtesy Tilling Construction Services Ltd. Photos: Turners 
(Photography) Ltd) 
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(b) A close-up of the rotary kilns. Limestone is heated in the | 


29.4 
Salt as a raw 
material 


Fig 29.3 The effects of 
subsidence due to salt 
mining in Cheshire during 
the late 19th century. - 
(Courtesy ICI Lid Mond 
Division) 


29.5 
Production of 
sodium 
carbonate; the 
Solvay Process 


apart and crumble to a white powder. A lot of heat is given out in this reaction. The 
product, calcium hydroxide, is known as slaked lime or hydrated lime. If an excess of 
water is used in the slaking process the product is a suspension of calcium hydroxide in 
water (since it is not very soluble) known as milk of lime. 

Direct uses of lime 

Firstly, since lime is the cheapest available alkali, it has many industrial uses where the 
precise identity of the alkali is not important. In particular, many industrial processes 
leave behind acidic liquid waste which must be disposed of. Obviously it cannotjust be 
dumped in a river because it would destroy the fish and plant life. In many countries, it 
is the law that acidic waste must be neutralised before allowing it to run into natural 
waterways, and lime is used for this purpose. 

Secondly, lime is used in agriculture for the treatment of ‘acid soil’, that is, soil in 
which the pH-value is too low for the essential bacteria to function properly. When you 
see ploughed fields covered with a sprinkling of white powder, it is likely that lime- 
spreading has recently been carried out. 

Other uses include water softening (it removes temporary hardness, 10.23), and the 
making of bleaching powder (25.11). 


Common salt (sodium chloride) is present in vast quantities in.sea-water, but it also 
occurs in huge underground deposits as the solid mineral called halite or rock salt. 
These deposits were formed many thousands of years ago by the evaporation of 
ancient oceans, and are our main source of sodium chloride for industrial purposes. 
The major deposits of salt in the United Kingdom are underneath the Cheshire Plain, 
Salt is obtained froin these deposits by drilling bore-holes, down which very hot water 
under pressure is injected. This water dissolves the underground salt and returns to 
the surface as brine (aqueous solution of salt). If solid sodium chloride is required, it is 
obtained by evaporating the brine. For the production of sodium carbonate, as 
described in the next section, the brine is used directly, after purification. 


í 


Sodium carbonate is one of the major ipdustrial chemicals as it is used in the 
manufacture of many other materials. The world production of sodium carbonate is 
now over 26 million tonnes per year. (Bi i : 

In 1861 in Belgium, Ernest Solvay patented the principle of his ammonia-soda 
process for making sodium carbonate. In 1872 he made an agreement with 
Brunner and Mond, in the United Kingdom, to start a factory. They decided upon 
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Fig. 29.4 The Solvay 
Process for converting 
sodium chloride to 

sodium carbonate 

(a) Tall buildings are 
needed. to house the Solvay 
Towers 


(b) A view inside one of 
the buildings, showing a 
tower. (Both photos 
courtesy ICI Ltd Mond 
Division) 


Winnington, in Cheshire, as a suitable site because it is close to the salt mines. The 
factory was built and, by the end of the century, 90% of the sodium carbonate in the 
United Kingdom was made by the Solvay Process. 


The overall change in the Solvay Process is that the ions in calcium carbonate 
(CaCO,) and sodiùm chloride (NaCl) change places, giving sodium carbonate and 
calcium chloride. It is no good simply mixing limestone and brine because calcium 
carbonate is insoluble in water and no chemical change occurs. The Solvay Process 
achieves the required change by an ingenious roundabout route in which brine is 
treated with carbon dioxide in the presence ofammonia. The ammonia is recovered at 
a later stage of the process and recycled. In this sense it is not a raw material, but an 
intermediate. The process is a continuous one, as shown by the simplified flow- 
diagram in Fig. 29.5. 

The various steps are as follows, the numbers referring to the flow-diagram. 

(1) Ammonia gas is absorbed in concentrated brine to give a solution containing 
both sodium chloride and ammonia, 

(2) Limestone is heated strongly (29.3) to give quicklime and carbon dioxide: 


CaCO,(s) > CaO(s) + CO,(g) 


(3) This is the key stage in the process. The ammoniated brine from step (1) is 
passed down through the Solvay Tower, Fig. 29.6, while carbon dioxide from steps (2) 
and (5) is passed up it. The Solvay Tower is tall and contains a set of mushroom-shaped 
baffles to slow down dnd break up the liquid flow so that the carbon dioxide can be 
efficiently absorbed py the solution. Carbon dioxide, on dissolving, reacts with the 
dissolved ammonia fo form ammonium hydrogencarbonate: 


NH,(aq) + H,O(1) + CO,(g) > NH,HCO,(aq) 


Fig. 29.5 Flow diagram 
of the Solvay Process 
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Na, CO; (s) 
Soda ash 


The solution now contains the ions Na+, Cl-, NHj and HCO;. Of the four substances 
which could, in theory, be formed by different combinations of these ions, sodium 
hydrogencarbonate (NaHCO;) is the least soluble. It precipitates as a solid in the 
lower part of the tower, which is cooled. The net process in the Solvay Tower is: 


NaCl(aq) + NH;(aq) + H,O(1) + CO,(g) > NaHCO,(s) + NH,Cl(aq) 


A suspension of solid sodium hydrogencarbonate in a solution of ammonium chloride is 
run out of the base of the tower. 

(4) The suspension is filtered to separate the solid sodium hydrogencarbonate from 
the ammonium chloride solution, which is then used in stage (7). 

(5) The sodium hydrogencarbonate is heated, so that it decomposes to sodium 
carbonate, water and carbon dioxide: 


2NaHCO,(s) + Na,CO,(s) + H,O(g) + CO,(g) 
The carbon dioxide is sent back to the Solvay Tower for use in step (3). The product of 
the process, anhydrous sodium carbonate, is obtained as a fine white powder known as 


soda ash. 
The remaining two steps are concerned with recycling the ammonia. 
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Fig. 29.6 The Soliay 
tower (stage 3 in the flow 
diagram, Fig. 29.5) 


Solution of 


ammonia 
and sodium 
chloride Waste 


Fig. 29.7 A special type 
of glass: a Rover 3500 
Triplex Ten Twenty 
laminated windscreen 
being inspected on the 
‘head impact’ test rig. 
(Courtesy Triplex Safety 
Glass Co Ltd) 


Baffles 


Fig. 29.8 Recycling glass 
bottles (a) The special 
containers used in the 
Glass Manufacturers 
Federation glass recycling 
Scheme have separate 
compartments for green, 
brown and clear glass as 
mixed colours cannot be 
used in recycling. (b) 
The bottles are stored in 
separate bays before being 
transported by road to the 
glass works. (Both 
courtesy Welbeck Public 
Relations, London, on 
behalf of Glass 
Manufacturers Federation. 
Photos: Hills Harris 
(Oxford) Ltd) 


Carbon 

dioxide ———= Suspension of ae 

gas sodium hydrogencar! nate 
in ammonium chloride 
solution 


(6) The quicklime from step (2) is slaked with excess water giving milk of lime: 
CaO(s) + H,O(1) > Ca(OH), (aq/s) = ts 


(7) This calcium hydroxide suspension is mixed with the ammonium chloride 
solution from step (4) and heated: 


2NH,Cl(aq) + Ca(OH),(aq/s) > CaCl,(aq) + 2NH,(g) + 2H,O(1) 


The ammonia is thus recovered, and sent back to step (1). Calcium chloride is the only 
by-product of the whole process. : } 

The overall process is efficient. In theory, the only raw materials are limestone 
and brine. Inevitably, in practice there are slight losses of ammonia, and these losses 
are made up for by addition of extra supplies, as required, in step (1). : 

The simplified flow-diagram implies that the entire output ofa Solvay plant (which 
may be 1000 tonnes per day, or about 1 tonne per minute) is in the form of anhydrous 
sodium carbonate. This is not quite the case. Although the bulk of the output is sold to 
other industries in this form, other products of the plant are refined sodium 
hydrogencarbonate (very pure NaHCO,) and hydrated sodium carbonate 
(Na,CO,.10H,O). The later, known as washing soda, is obtained by crystallisation 
from an aqueous solution of sodium carbonate. 


Direct uses of sodium carbonate and sodium hydrogencarbonate : 
The largest single use of sodium carbonate is in the manufacture of glass, which is 
described separately in the next section. It is also used in literally hundreds of other 
industries, including the manufacture of chemicals and drugs, the mahufacture of soap 
and detergents, the dye industry, the food and drink industry, oil and gas refineries and 
for water softening both in the home and in laundries. 


Refined sodium hydrogencarbonate (bicarbonate of soda), which is one of the 
purest industrial chemicals known, is of great importance in the food industry, being 
used in baking powder (28.17), self-raising flour, and in effervescent salts used in the 
treatment of indigestion. 
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Glass is one of the most important everyday materials of modern society, and it is 

manufactured on a vast scale. The raw materials for making it are sand (silica, SiO,), a) 
ground limestone (CaCO,) and sodium carbonate (soda ash, Na,COs). Sodium . 
sulphate may be used as an alternative to sodium carbonate, but the product is the 
same. When the mixture of substances is fused by heating to a high temperature, the 
following changes occur: 


j Na,CO;(s) + 
| CaCO; (s) 


SiO,(s) + Na,SiO,(1) 
CaSiO,(1) 


+ CO,(g) 


+ SiO,(s) > + CO,(g) 


The final product, glass, is a mixture of sodium silicate and calcium silicate with 
unchanged silica. This is the familiar soda glass used for bottles and ordinary windows. 
Nowadays many other varieties of glass are manufactured by including additional or 
alternative raw materials to give the glass special properties such as colour, greater 
physical strength, and better resistance to heat. 

To a scientist, glass is a peculiar substance. Although most of us would regard glass 
as a solid, it does not have a particular crystalline structure, a constant composition, 
or a sharp melting point. As its temperature rises, it softens gradually before becoming 
liquid. This characteristic is of vital importance in the industrial and laboratory 
technique of glass-blowing, that is, shaping glass while it is softened by heat. Scientists 
regard glass as a supercooled liquid, since there is no clear transition between the 
molten state and the (apparently) solid state. f 


| 
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29.7 Castner-Kellner Process $ 

Production of The original Castner-Kellner plant in U.K. was established in 1896 as a new way of 

sodium making high purity sodium hydroxide. Until relatively recently sodium hydroxide was 

hydroxide and the most important product, but now chlorine is. The basic reason for the vastly 

chlorine increased demand for chlorine has been the development of chlorinated hydro- 
carbons for use as solvents and for making polymers such as PVC (31.10). British 
production of chlorine is around | million tonnes per year, mainly by the Castner- 
Kellner Process; and since this process produces roughly equal masses of chlorine and 
sodium hydroxide the figure for the latter product is similarly large. 

The Castner-Kellner cell is shown diagrammatically in Fig. 29.9, and your first 
reaction might be to wonder why it needs to be so complicated. Consider what would 
happen if two electrodes were simply placed in sodium chloride solution and 
connected to a supply of electricity (19.9). Initially, chlorine and hydrogen would be 
liberated at the anode and cathode respectively, with the solute turning gradually from 
sodium chloride to sodium hydroxide. As the proportion of sodium hydroxide in the 
solution increased, two things would ‘happen. Firstly, the chlorine liberated at the 
anode would become contaminated with oxygen arising from the discharge of 
hydroxide ions. Secondly, the chlorine would start to react with the sodium hydroxide 

Fig. 29.9 The Castner- 3 Titanium 
Kellner cell Chlorine + anodes 
CELL —>] | | 
Sodium Used 
chloride — = = ——> sodium chloride 
solution solution 


j Hydrogen 


Mercury | cathode 


Sodium 
——» hydroxide 
Graphite solution 
Mercury blocks 
DENUDER 


Mercury 


to produce sodium hypochlorite and possibly also sodium chlorate(V) (25.11). To put 
` it bluntly, we would end up with a real mess! In order to produce chlorine and sodium 
hydroxide as pure products some means of separating them must be devised. The 
ingenuity of the Castner-Kellner Process lies in the fact that these products are formed 
in separate parts of the cell, so that the problems outlined above do not arise. This is 
achieved by usinga flowing mercury cathode. 
Referring to the diagram, in the cell the electrolyte is saturated brine (about 25 % by 
mass of sodium chloride). The anode is a set of titanium plates, at which chlorine is 
liberated : $ 


Fig. 29.10 A Castner- 
Kellner cell room. 
(Courtesy ICI Ltd Mond 
Division) 


2Cl-(aq) — 2e- + Cl,(g) 


The chlorine gas is taken away through pipes, washed, dried, liquefied, and 
transported in cylinders or large tanks to the various industrial customers. 

The cathode in-the cell is a stream of flowing mercury. Normally during the 
electrolysis of a solution of a sodium salt, hydrogen will be liberated at the cathode 
since hydrogen ions are more easily discharged than sodium ions. However with a 


mercury cathode the situation is reversed. Hydrogen ions are not readily discharged , 


ata mercury surface, but sodium ions are more readily discharged, The sodium metal 
liberated dissolves in the liquid mercury to form an amalgam (a liquid alloy): 
Na*(aq) + e~ — Na(amalgam) 


The mercury, containing the dissolved sodium, flows into the lower chamber (called 
the denuder), where it meets pure water flowing in the opposite direction. Hydrogen is 
released, and sodium goes into solution as sodium hydroxide: 


2Na(amalgam) + 2H,O(1) + 2NaOH (aq) + H,(g) 


The denuder is packed with graphite blocks, hydrogen being readily given off at the 
graphite surface. 
i : | 


The hydrogen gas is taken away through a pipe, compressed, and transported in 
cylinders to customers. ‘The out-flow from the denuder is sodium hydroxide solution, 
which is then concentrated by evaporation. Some of it is sold as solution, and some is 
evaporated to dryness to yield the solid which is sold as flakes, pellets or sticks. 

The Castner-Kellner cell operates, typically, at about 400 000 amps at 4-3 volts, that 
is, about 1700 kW. Since a works may have over 100 of the cells operating at the same 
time, it is easy to see why it needs its own power station to supply the electricity. 

Most electrolysis of sodium chloride solution has been carried out using mercury 
cells such as the one described above, in spite of the high capital cost of mercury. This is 
because the cell is very efficient and gives products of very high purity. However, a 
factor about which people have become more and more concerned over the last twenty 
years or so is the health hazard associated with the use of mercury. Although the 
concentration of mercury vapour in the factories is kept under strict control, it is 
difficult to avoid some slight loss of mercury. 

In Japan in the 1950s there were a number of cases of people suffering from mercury 
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tissues of marine animals and plants and so pollute the food chain. The long-term 
danger of this is that some of the forms of marine life which are lower in the food chain 
may become less abundant and hence there would be less food available for those 
higher in the food chain. 


In the 1960s and 1970s investigations into the mercury content of fish caught in the © 
coastal waters of Sweden, in India and in some the the Great Lakes in America showed 


that the mercury levels were higher than normal. As a result the laws governing the 
discharge ofmercury by factories are now very strict. It is likely, therefore, that no new 
mercury cell plants will be built and in Japan, for example, their construction has been 
forbidden by law. 

The Gibbs diaphragm cell, which is described below, offers a different approach to 
the problem of keeping the products of the electrolysis of sodium chloride solution 
separate. Although in the past the process, which does not use mercury, has taken 
second place to the mercury cell, it is now coming into favour. 


The Gibbs diaphragm cell process 
The cell is shown, in a simplified, modern form, in Fig. 29.11. There are now many 
variations in design, although the main principles of operation are the same. All the 
cathode compartments are interconnected, and each cathode consists of a steel mesh 
box with asbestos fibres deposited in the mesh. This is the diaphragm which, though 
porous, keeps the electrolysis products separate. The anodes are made of titanium, and 
the electrolyte, which is run into the cell via the anode compartment, is concentrated 
sodium chloride solution (brine). 

The ions present in the electrolyte are Na*(aq), Cl-(aq), H*+(aq) and OH~(aq). 
The Cl-(aq) ions are discharged at the anodes, 


2Cl-(aq) — 2e- > Cl,(g) 


and the chlorine gas which is given off is piped away from the top of the anode 
compartment. 
H+ (aq) ions are discharged at the cathodes forming hydrogen gas, 


2H*(aq) + 2e- > H,(g) 


which is piped away from the cathode compartments, 
The removal of H+(aq) ions from the electrolyte in the cathode compartments 
disturbs the equilibrium (22.14), 


H,O(1) = H+(aq) + OH-(aq) 


and causes more water to ionise and produce an excess of OH~(aq) ions. At the same 
time Na*(aq) ions, which are attracted by the cathode, diffuse through the asbestos 
diaphragm from the anode compartment to the cathode compartments. The net result 
is that sodium hydroxide solution (Na+(aq) + OH~(aq)) is being produced in the 
cathode compartments. fs 

The liquid which is tapped off from the cathode compartments is an aqueous 
solution containing both sodium hydroxide and unchanged sodium chloride. The 
liquid is concentrated by evaporation and, since sodium chloride is less soluble than 
sodium hydroxide, most of the sodium chloride crystallises on cooling, leaving 4 
solution which contains mostly sodium hydroxide. The product is not as pure as that 
obtained by the Castner-Kellner process but it is good enough for many of the purposes 
for which sodium hydroxide is used, 

Current research is aimed at finding substitutes for asbestos as the diaphragm 
material, and at making technical improvements which will increase the purity of the 
product, : 


318 


poisoning as a result of having eaten fish which had been contaminated. It has been ~ 
~ realised that mercury effluent can become incorporated, as organic compounds, in the 


Fig. 29.11 The Gibbs . 
diaphragm cell 


Electrolyte level 


in anode compartment 


Electrolyte level 


: in cathode compartment 


Impure sodium 


hydroxide solution ~— 


out 


29.8 
Summary ` 


Chlorine 
out 


Sodium chloride 
solution in 


| 


A cathode 
(steel mesh 
with asbestos 
diaphragm 
deposited in 
the mesh) 


Anodes 
(titanium) 


Uses of sodium hydroxide _ ; 

The uses of sodium hydroxide are as numerous as the uses ofsodium carbonate, A few 
of the major ones are noted here. It is used in large quantities in the rayon (synthetic 
fibre) industry, the manufacture of soap and detergents (32.10), the paper industry, 
the purification of bauxite for the extraction of aluminium (24.8), and the dye 
industry. It is also used for the extraction of organic chemicals from coal-tar, and in the 


chemical industry generally as a strong alkali. 


Production of sodium hypochlorite and sodium chlorate r ? 
If the chlorine and the sodium hydroxide from the electrolysis of sodium chloride 
solution are allowed to mix in a controlled manner, either sodium hypochlorite 
(NaClO) or sodium chlorate(V) (NaClO,), depending on the conditions, may be 
produced (25.11). These are both important substances, the former being a bleaching 
and sterilising agent, the latter being a weed-killer. i 

Other uses of chlorine and those of hydrogen are discussed on 25.12 and 18.2 


respectively. 


_ Limestone (CaCO,)‘is an important raw material for the alkali industry since on 
fain it abate to quicklime (CaO) which pn addition to water forms 
calcium hydroxide (Ca(OH),). This substance is important as a cheap alkali. 

2. Sodium carbonate is produced in large quantity from limestone and salt. It is a very 

important industrial chemical, and vital to the manufacture of glass. 
3. Sodium hydroxide is produced in large quantity, along with chlorine, by the 
electrolysis of brine. It is also a very important industrial chemical, for example in 


the soap and detergent industry. : 
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Chapter 30 Organic chemistry 
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30.1 : i You are probably familiar with the game ‘animal, vegetable, mineral’. A living thing, 
What is organic whether it be of animal form or plant form, is known as an organism, and the material 
chemistry? from which living organisms are made is known as organic matter. Historically, 


substances of animal or vegetable origin came to be called organic, while substances 
of mineral (non-living) origin came to be called inorganic. Most of the chemistry in 
this book deals with inorganic compounds; for examplé, common salt is a mineral 
compound and substances derived from it, such as hydrochloric acid and sodium 
hydroxide, are regarded as inorganic. Sugar, on the other hand, is a typical organic 
compound, as it is obtained from plants rather than mineral sources. So also is ethanol 
alcohol), which is obtained by the fermentation of sugar. 

In the first half of the nineteenth century it was widely believed that organic 
compounds could only be formed by natural processes (involving a life force or vital 
force) and could not be made in the laboratory. This was shown to be untrue when, 


Fig. 30.1 Man-made fibres and plastics are important products of the organic chemical industry. (Left) The GQ Inflated Aerofoil 
Parachute (‘The Unit’). The canopy is made of nylon and the rigging from polyester. (Courtesy G.Q, Parachutes Ltd) (Right) 
Sil ee se boom being held by the surfer, the whole of this windsurfer is made from plastics and man-made fibres. (A 


320 


30.2 

General 
characteristics 
of organic 


compounds 


30.3 ` 
Hydrocarbons 


firstly, urea (present in urine) was made from a ‘mineral’ compound. Secondly, 
ethanoic (acetic) acid, the acid present in vinegar (obtained by the oxidation of wine 
by air), was synthesised from its elements. 

It was realised long ago that organic compounds have, almost without exception, 
something in common, namely, the presence of the element carbon. Indeed, carbon is 
unique in the huge number of compounds which it forms. Well over 2 million are now 
known, and in fact it is likely that somewhere in the world another new compound is 
being made or discovered during the time it takes you to read this page! In modern 
terminology organic chemistry means simply the study of carbon compounds. 
The exceptions are compounds like carbon dioxide and metal carbonates which 
are traditionally considered as inorganic, since they are of mineral origin, 

The importance of organic chemistry is twofold. Firstly, it is concerned with the 
substances of which living matter is composed—and this includes you, the reader. 
Organic chemistry is therefore vital to the study of agriculture, nutrition, medicine, 
and health in general. Secondly, organic chemistry is concerned, with synthesising 
substances which may be useful, not only in affecting our health (drugs etc.), but also in 
replacing, or even improving upon, natural building materials. Thus, for example, 
wood is still an extremely important structural material, but supplies-of wood are 
limited. Many of the functions sérved by wood can be served equally well, or better, by 
plastic materials made artificially. Furthermore, plastic materials are now 
manufactured with properties which wood and paper cannot possibly supply. Think, 
for example, of polythene film, or Lego bricks, or Airfix kits, or Perspex glass. The 
development of plastics has opened up a whole new world of materials, and there is no 
obvious limit to the variety of properties which may be achieved. 

The scale of the-modern organic chemical industry is so great that it affects almost 
every aspect of our lives. The products of this industry include drugs, plastics, synthetic 


“fibres for clothes, carpets, upholstery, rope, adhesives, solvents, fuels, lubricants, 
* detergents, cosmetics, pesticides, paints, synthetic rubber for tyres, explosives, floor 


coverings, ceiling tiles, furniture stuffing, perfumes, dyes, food flavourings and 
preservatives, sports equipment . . . the list is almost endless. Furthermore, the organic 
chemical industry is growing year by year, as more uses for synthetic organic 
compounds are devised. There can hardly be'd single moment of your life when you are 
not holding, looking at, wearing, sitting on, eating, or sleeping in some product of this 
industry. 


A large proportion of inorganic compounds fall into the general categories of acids, 
bases and salts. Such compounds are very often ionic in character, and very often 
contain one or more metallic elements. A large proportion of organic compounds 
contain no metallic element and are covalent, consisting of separate molecules. They 
are composed of the elements carbon and hydrogen, very often oxygen, sometimes 
nitrogen, and occasionally other elements such as phosphorus, sulphur, halogens and 
even metals, such as iron. The main common element, however, is carbon, and here 
two particular properties of carbon are important. Firstly, carbon in its compounds 
almost invariably forms covalent bonds with other elements. Secondly, carbon readily 
forms chains with other carbon atoms. The carbon atoms are joined to each other by 
covalent bonds. This is called catenation which means, literally, chain-forming. 


These characteristics of carbon are illustrated by considering, first of all, the 
compounds known as hydrocarbons. A hydrocarbon is a compound of carbon and 
hydrogen only, and the simplest type is a saturated hydrocarbon, or alkane. The 
simplest alkane is methane, CH,, which is familiar to us as natural gas. It provides the 
flame for our Bunsen burners and the heat of our kitchen stove (and perhaps our 
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30.4 
Homologous 
series 


central heating as well). Its molecular structure may be shown as: 


H H 

| xo 
H—C—H or H&CsH 

H i 


Carbon forms four covalent bonds with hydrogen, each bond being a pair of shared 


electrons. It is important to note, however, that the shape implied by a 2-dimensional - 


picture is wrong. The molecule is not planar (flat) with bonds at 90° angles. It is 
3-dimensional, with the hydrogen atoms arranged around the carbon atom in such a 
way that the angles between the bonds are as great as possible. In this arrangement 
the four bonds are directed towards the corners of a regular tetrahedron (15.6): 


H 


| 
oe 
H n 


Thus the angles between the bonds are about 109°, not 90° 
The next simplest alkane is the gas ethane, C,H, whose molecular structure may be 
shown 2-dimensionally as: 


ASSH 


HeH 


Each carbon again forms four covalent bonds, though one of these bonds is used 
to form the chain of two carbon atoms. Note that in the picture as drawn above it 
appears as ifthe two ‘end’ hydrogen atoms are different from the four ‘side’ atoms. This 
is not so, as you will see if you make a model of the molecule with tetrahedral angles 
between the four bonds of each carbon atom. 

The next member of the alkane series is the gas propane, C3H,, shown 2- 
dimensionally as: 


HSHH 
kihas 
H—C—C—C—H 


ee | 
Hire hc SH 


Again each carbon atom forms four bonds, but now we have a chain of three carbon 
atoms. 


You may have realised by now that the molecular formulae of alkanes follow a general 
pattern. If the number of carbon atoms is n then,the number of hydrogen atoms is 
2n+2 (Table 30.1). 

This is known as a homologous series, that is, a series of compounds of similar 
properties whose molecular formulae differ by ‘CH,’ between adjacent members of the 
series. Different members of the series are called homologues of one another. The 
general formula of the homologous series of alkanes is C,H2,49- : 
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TABLE 30.1. The 
alkane series 


30.5 
Isomerism 


TABLE 30.2. Isomers 
with the molecular 


formula C,H,O 


n MOLECULAR FORMULA NAME 
1 4 CH, methane 
vs 6 C,H, ethane 
3 8 C;H, propane 
4 10 CyAyo butane 
5 12 CsA yy pentane 
6 14 His hexane 
7 16 CHi heptane 
8 18 CsHis octane 
9 20 CHa nonane 

s 10 decane 


The fourth member of the alkane series is butane, C,H, . This is sold, as liquid under 
pressure, as Buta-gas: The interesting point is that it is possible to separate two different 
compounds with the molecular formula C,H,o. They are both gases, with the same 
density, but they have different boiling points ( —0:5°C and —11-7°C). How can it be 
that two distinct substances with the same molecular formula may exist? The answer 
lies in the way in which the atoms are bonded together within the molecule. For the 
formula C,H, there are two ways in which the molecule can be put together, and these 


may be shown as, 


HOY oH H H H 
aa calle ray a and ral ea Nay pe 
ish ei ac | | | 
HOA o i cl Hy c—Hi 
| 
H 


In the first case we have a straight chain of four carbon atoms, while in the second 
we have a branched chain in which one carbon atom is bonded directly to the other 
three. These two compounds are called isomers of one another; 
isomers are substances with the same molecular formula but different 
structural formulae. 
Another example of isomerism is given by the compounds of molecular formula 
C,H,O. The two ways of putting the molecule together are shown in Table 30.2, with a 


comparison of the two compounds. 


H 
| | 
Hie Ce O H 
| | 
H H 


METHOXYMETHANE 


ETHANOL 


Gas b.p. —24-8°C 
Flammable 
Immiscible with water 


Liquid b.p. 78:5°C 

Flammable 

Miscible with water 

Reacts with aqueous potassium 
manganate(VII) 

Reacts with metallic sodium 

Reacts with chlorides of phosphorus 


Does not react with any of the 
reagents mentioned on the left 
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30.7 
Alkyl groups 


‘TABLE 30.3. The 
Sormulae and names of 
the three simplest 

alkyl groups 


<i 


Ethanol and methoxymethane, although they have the same molecular formula, have 
different properties, and this is because their molecules contain different fanctional 
groups. Ethanol contains the functional group 


—C—O-H, 
| 


which is characteristic of alcohols, while methoxymethane contains the functional 
group 


which is characteristic of ethers. Thus, for example, methanol (methyl alcohol) has the 
structure, 


H 
I 
H—C—O-—H 
| 
H 


eas contains the same functional group as ethanol (see top diagram). Because of 
this, methanol and ethanol have very similar chemical properties. All the statements 


under ethanol in the table above apply also to methanol, except that the boili i 
ři o STR fh l 
is lower (64-5 °C), Similarly, ethoxyethane (diethyl ether), Sg 


HH HoH 
ito [eel 
H—C—C—O-—C-—C_H 


ewer EPEN 
H H is hes 


eae bea properties to methoxymethane, except that the boiling point is higher 


We can now distinguish between functional groups and 
\ 1 
gives some examples of alkyl groups. sales oS 


H 
i | 
ay : R or CH, — methyl 
H 
H H 
| | y 
H— pE s SE or CH; — ethyl 
H H 
H H H - 
| | | 
mS 7 a T T B on CH,- propyl 
H H H à ty 
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30.8 
Variety of 
compounds 


30.9 
Nomenclature 


The chemical properties of a compound are determined mainly by its functional 
groups rather than its alkyl groups. However, the size of the alkyl group affects the 
relative molecular mass of the compound, and hence its physical properties. 

A convention which is sometimes used when referring to the general properties of a 
class of compounds (e.g. alcohols) is to use the letter R to stand for an alkyl group of 
unspecified size. Thus alcohols are compounds of the type R — OH where R may be 
methyl (CH; —) or ethyl (C,H; — ) etc. 


It was mentioned earlier in this chapter that over 2 million carbon compounds are 
known, and you may now be starting to see how it is possible for there to be so many. 
For a start, we have the tendency of carbon to form bonds with itself, so that alkyl 
groups of widely varying size are formed. Then we have isomerism, so that alkyl groups 
of the same overall size çan have different patterns of chain-branching; also, many 
compounds contain rings of atoms as well as chains. Then we have a wide variety of 
functional groups which may be incorporated into molecules. Also, the same 
functional groups may be incorporated at different positions in the molecule, giving 
another source’ of isomerism. In addition to all this, a single organic molecule may 
contain any number of different functional groups. It seems reasonable to conclude 
that the number of possible carbon compounds is really without limit. 

You may like to try to prove, as an exercise, that the relatively ‘small’ formula 
C,H,,O could represent any one of seven different compounds, three of which are 
ethers and four are alcohols. You may also like to try to show that there are no less than 
eighteen isomers of the hydrocarbon octane, CHa! 


With such an enormous variety of organic compounds, it is essential to have an agreed 
system for naming them. Asa result of work done by the International Union of Pure 
and Applied Chemistry (IUPAC) in recent years, a system has been worked out and 
has now been generally adopted. However, many of the older names are still around 


“and so in this book we use the modern name but put the older name after it in brackets, 


if it is still in common use; e.g. ethanoic acid (acetic acid). It is not necessary at this 
stage to explain nomenclature.in detail, but it will be helpful to point out the basic 


rules. 
Names for several of the simple alkanes have already been given (30.4). These 


names form the basis of the modern system of nomenclature. The system is best 
introduced by considering the naming of halogenated alkanes which are alkanes in 
which one or more hydrogen atoms are replaced by atoms of a halogen, such as 
chlorine. The name for the substance below is chloromethane. 


H 


| 
H—C—Cl or CH,Cl 


| 
H 


H 


| 
Hey Cos Chor CH,Cl, 


| 
cel 


The substance (above) in which two chlorine atoms have taken the place of hydrogen 
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Summary 


atoms in the methane molecule, is called dichloromethane. Similarly, CHCl, is 
trichloromethane and CCl, is tetrachloromethane. 

If two atoms of hydrogen in an ethane molecule are replaced by chlorine atoms, the 
resulting compound is C,H,Cl,. The name dichloroethane does not distinguish 
between the two isomers whose structural formulae are 


H H H H 
| | | | 
H—C— C—Q( and H— C— C—H 


| | | | 
H (Cd CLA Gl 


In the first case both chlorine atoms are bonded to the same carbon atom, while in the 
second case the two chlorine atoms are bonded to different carbon atoms. To resolve 
the difficulty we regard the two carbon atoms as being numbered / and 2. The name 
for the first substance then becomes 1,1-dichloroethane while the second becomes 
1,2-dichloroethane. (We could also call the first one 2,2-dichloroethane, but the rule is 
that we number the carbon atoms in such a way that the smallest possible numbers 
appear in the name.) 
In the case of alcohols, the older names for the substances, 


i H H 
b: sanl 
H—C—O—H. and H—-C—Q—O-—H 


| Lal 
H H H 


. or CHOH or CH,CH,OH or C,H,OH 


were methyl alcohol and ethyl alcohol respectively. In the modern system these names 
are shortened to methanol and ethanol. But the name propanol does not distinguish 
between the isomers, 


HY H H H H H 

| | | | | | 
cit coon alae amesa GC. — C—H 

fies fae 2 | 

H H H H OH H 


These compounds are called propan-!-ol and propan-2-ol respectively, 


1. Organic chemistry is the chemistry of carbon compounds, with the exception of 
carbonate salts. Most organic compounds are molecular covalent substances. A 
huge number of carbon compounds exist, because of carbon’s tendency to form 
chains of atoms and because of isomerism. : 

2. The simplest organic compounds are hydrocarbons, which contain only hydrogen 
and carbon. In other types of compounds the third element present is often oxygen. 
The chemical properties of a compound depend mainly on what functional group is 
present in the molecule. 
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Sources of organic compounds: 
hydrocarbons 


Investigation 


31.1 


Questions 


Questions 


Questions 


Investigation 
31.2 iat 


Questions 
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How do the properties of an alkane and an alkene 
differ? 


œ You will need a liquid alkane such as hexane and a liquid alkene such as 


cyclohexene. \ 


(a) Put 5 drops each of the alkane and alkene separately into dry crucibles or 
porcelain basins. Try to set fire to ‘both liquids using a lighted taper. 


1 Are these hydrocarbons readily flammable? 
2 How do the appearances of the two flames differ? 
3 What will be their products of combustion? 


(b) Put 2 cm? of bromine water into each of two test-tubes. Add 2 drops of 
the alkane to one test-tube and 2 drops of the alkene to the other. Shake 
both-test-tubes and note what happens in each case. 


4 Which of the hydrocarbons reacts with bromine under these conditions? 
5 How can you tell that a reaction has occurred? 
6 Why is it necessary to shake the test-tubes? 


(c) Into each of two test-tubes put 1cm? of potassium manganate(Vil) 
solution and 1 cm of dilute sulphuric acid. Now add 2 drops of the alkane to 
one test-tube and 2 drops of the alkene to the other. Shake the test-tubes 
and note what happens in each case. 


7 Which of the hydrocarbons reacts with manganate (VII) ions under these 


conditions? 

8 How can you tell that a reaction has occurred? 

9 What type of reagent is acidified potassium manganate(VI!) solution 
and therefore what has happened to the hydrocarbon in this reaction? 


How does a bromoalkane differ from a metal 
bromide? 


(a) Shake a small crystal of sodium (or potassium) bromide with about 
2 cm? of water in a test-tube and note what happens. Then add a few drops 


of silver nitrate solution. 

1 What happens when the metal bromide is shaken with water? 

2 What happens when silver nitrate solution is added, and what does this 
indicate? 

(b) Shake about 2 drops of bromopropane with about 1 cm? of water and 
note the result. Then add about 1 cm? of ethanol and shake again. Note any 


difference which you observe. Now add about 1cm® of silver nitrate 
solution and mix. well. Finally, stand the test-tube. in fairly hot water for 


several minutes. 


. Questions 


3 Is bromopropane miscible with water? 

4 What difference does addition of ethanol make? 

5 What is the immediate result of adding silver nitrate solution, and how 
does it compare with part 1 of this investigation? 

6 What does this suggest about the way in which bromine is chemically 
bonded in bromopropane, as compared to a metal bromide? 

7 What slowly happens as the test-tube stands in hot water? 

8 How can this be explained in terms of a reaction between bromopropane 
and water? 


31.3 
Coal 


Fig. 31.1 Coal being cut 


at Wath Colliery, 


Yorkshire. (Courtesy The 


National Coal Board) 


Fig. 31.2 A coking plant 
Sor converting coal into 
coke. (Courtesy the 
National Coal Board) 


\ 


TABLE 31.1. The 
approximate composition 
by volume of 

coal-gas 


Coal is an example ofa fossil fuel. It was formed over the course of millions of years by 
the gradual decay and compression of the buried remains of ancient forests, whose trees 
died and fell long before man appeared on the earth. Coal has been burnt in homes for 
hundreds of years, but its use as domestic fuel has now declined considerably. There 
are various reasons for this. For one thing, coal is not the most convenient fuel to 
transport and store. For another, its price has risen considerably in recent years. But, 
more importantly, coal burnt in an ordinary domestic grate is not a very efficient fuel. 
It burns in a rather smoky manner; owing to unburnt carbon escaping as soot. This 
means, firstly, that a lot of energy is wasted and, secondly, that the atmosphere 
becomes polluted (9.5). 

The situation now is that the use of solid fuel in any form for domestic heating has 
decreased enormously, owing to the rapid expansion of the petroleum and natural gas 
industries. Oil and gas are now very widely used both as domestic and industrial fuels, 
and if they have been refined before use, they burn much more cleanly than coal. 


It was discovered near the end of the eighteenth century that if coal is heated 
strongly in the absence of air an inflammable gas (coal-gas) can be obtained from it. 


„GASES PRESENT IN COAL GAS 


hydrogen (H,) 50% 
methane (CH,) 30% 
carbon monoxide (CO) 8% 
other gases 125%, 
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Fig. 31.3 A natural gas 
pipeline which is almost 1 
metre in diameter being 
laid in the North Sea 
(Both Esso Photographs) 


In the early part of the nineteenth century the coal-gas industry became established, 
the gas being used originally for lighting. Later, with the development of electric 
lighting, this use for coal-gas died out, and it was supplied instead for heating and 
cooking. In the 1960s, as coal became more expensive, the British gas industry started 
to use oil as an alternative source of domestic gas. Then, around 1970, the British 
domestic supply was changed over to natural gas (methane from the North Sea), anda 
major use for coal-gas disappeared almost overnight. With it disappeared the local 
gas-works, once a familiar sight in almost every town, with its huge gas-holders used for 
storing the day’s supply of gas. 

Of course, in the destructive distillation of coal, as it is called, gas is not the only 
product. A complex liquid mixture known as coal-tar is also obtained, and this can be 
distilled to obtain many important organic compounds. However, with the rapid 
growth of the petroleum industry the production of chemicals from coal no longer 
holds the central position that it once did. 

The solid residue from the distillation of coal is coke, which is mainly carbon. Coke 
burns fairly cleanly, and is an important industrial fuel. It is also very important as a 
large-scale reducing agent, one of its major applications being the extraction of iron by 
reduction of iron oxide in the blast furnace (24.9). 


Natural gas is very important both as a fuel and as raw material for the organic 
chemical industry. Like coal it is a fossil fuel, and it is found trapped in ‘pockets’ in rock 
deep under the ground. It is located and released by drilling shafts deep into the earth. 
Sometimes the pockets of gas are beneath the sea bed, and huge drilling rigs have to be 
built on land and thea towed out to sea, where they either float in the water or stand on 
the sea bottom on long legs. i : 

Natural gas consists largely of methane (CH,), together with variable amounts— 
depending on the source—of other small alkanes such as ethane (C,Hg), propane 
(C,H,) and butane (C,H;o). North Sea gas is almost entirely methane. Some gas fields 
also yield hydrogen sulphide (HS), which is a source of sulphur (27.20), while some 
provide helium. This gaseous element, of which there is hardly any in the Earth’s 
atmosphere, is important as a safe substitute for hydrogen in balloons. It is not quite as 
light as hydrogen, but it has the advantage of being completely non-flammable (18.2). 
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In Britain the domestic gas supply is now provided by the North Sea gas field, and it ` 
~ is hoped that the supply will last for several decades. 


Fig. 31.5 shows, diagrammatically, the main fractions obtained by the distillation of 
crude oil, and some of the uses of these different fractions. 


Fig. 31.5 Distillation of Number of 
315 Petroleum, or crude oil, is another fossil fuel. Like natural gas it is found trapped in petroleum Fraction b.p./°C  C-atoms Some uses 
Petroleum pockets in underground rock, from which it must be obtained by drilling. Oil fields, ` Gas belay 40 1-4 A 
like gas fields, are sometimes located under the sea bed; indeed, the two very often Refinery fuel gus 
Fig. 31.4 An aerial view occur together in the same region. a Raw moteriai tela 
of the Esso oil refinery at Crude oil is a complex mixture of hydrocarbons, mainly alkanes, with numbers of o cracking) for 
Fawley. (An Esso carbon atoms in the molecule varying from 1 up to over 100. Because of this it is ` cero synthesis of other 
Photograph). necessary to separate the mixture into different components by fractional distillation. Naphtha 40-160 Minti a 


Kerosine 160-250 Jet engine fuel 


White spirit 


Deep sea 
terminal for 
receiving crude 
oil and TR 


despatching Administration 
/ block 


Diesel fuel 


Petrol 


products Synthesis of 
other chemicals 
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Cracking 


Crude oil Residue over 350 over 25 Lubricating oil 


storage tanks 


Vacuum 
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Paraffin wax 


Bitumen 
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manufacturing = j= Y 

plant 


Fig. 31.6 Refuelling 
a jet aeroplane from 
underground tanks with 
‘ A na aviation fuel which is an 
Imgrmediató j RR - 7 important fraction 

Lh ee orane, : pipe: during the 
; ss i ya > ` 7 refining of oil. (An Esso 
Photograph) 


This is a method of separating a mixture of substances with different boiling points, to 
obtain a number of parts or fractions, 2.9. Each fraction is, in the case of petroleum 
distillation, not a single substance but a mixture of substances with similar boiling 
points. Consequently, further separation of each fraction has to be carried out if pure 
substances are required. It is not necessary to separate every fraction completely into 
single substances. For example, the parts to be used as fuels can be left as mixtures, 
provided that the components of the mixture have boiling points within a certain — 
specified range. The whole process of separating crude oil into its different parts is 
called refining, and an oil refinery is often situated on the coast, away from towns. This 
enables the oil to be delivered easily to the refinery by tanker ships coming from 
abroad, and also the fire hazard arising from the storage of huge quantities of 
flammable liquids is minimised. 5 


| . 

The process called cracking is very important, and involves the breaking-up of 
hydrocarbon molecules into smaller ones. Originally this was done simply by heating 
the hydrocarbon mixture to a high temperature in the absence of air. This is called 
thermal cracking, and is rather difficult to control. Now lower temperatures are used, 
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31.6 

Fuels and 
energy—some 
alternatives 


and the process is helped by the use of a catalyst (23.15). This is called catalytic 
cracking, or cat-cracking for short. As a result of this process some of the heavy gas-oil 
fraction, for example, ends up as petrol. One very important substance obtained by 
cracking the naphtha fraction is ethene (ethylene), C,H, . This is a raw material for 
the manufacture of plastics, ethanol, and tetraethyl lead (‘anti-knock’ for petrol). 
More will be said about ethene later in this chapter. 

It will be seen, even from this very brief outline, that the petroleum industry involves 
a lot more than just making petrol for motor cars. Over 80% of all organic chemicals 
are now obtained from petroleum and natural gas, and the industry is still growing. 
For example, almost all industrial ethanol is now produced from petroleum, whereas 
in the past it was obtained by the large-scale fermentation of sugars. Similarly, some of 
the vinegar now supplied to the catering trade contains ethanoic (acetic) acid 
produced from petroleum, rather than by the oxidation of wine (32.6). 


During the first 75 years of this century in the United States, for example, there was a 
900% increase in energy production. The world demand for energy will continue to 
increase, but the future rate of increase is difficult to predict. Clearly the pattern of 
energy production and use is of vital importance and is likely to remain so. 

The relative importance of the various sources of energy is different for different 
parts of the world and will be influenced by such factors as the local availability of 
fuels, and access to imported fuels which in turn will depend on economic and political 
factors. However, there have been recognisable world-wide trends during the last 150 
years. Up until the middle of the last century wood was the major source of energy, but 
as supplies became depleted coal took over as the major source. During the last few 
decades oil and natural gas have become more important in many parts of the world. 
As mentioned earlier, these two fuels tend to have lower extraction and transport costs, 
and they create fewer pollution problems than coal. 

Coal, oil and natural gas are all fossil fuels and supplies of them in the Earth cannot 
last for ever. Figure 31.7 shows the number of years that known world supplies of these 
fuels can be expected to last at current production rates. It is significant that although 
oil and natural gas are very popular at the moment, reserves of coal will easily outlast 
them, and so we are likely to see coal revert to its earlier popularity in the future. 

The supplies of oil might be made to last longer if it proves possible to extract 
economically a higher proportion of oil from known wells. At the moment the 
proportion of the oil which can be extracted from a well, by the natural pressure 
under which the oil is trapped underground, can be as low as 40%. Nevertheless, 
sooner or later, the world will have to rely less on these fossil fuels, and already a great 
deal of thought and effort has been put into the problem. 

Hydro-electric power is an alternative which has been used for many years. In this 
method, water, as it runs from high ground to low ground, drives turbines. The 
supply of water ıs usually controlled by building a dam. Hydro-electricity can only be 
produced if a good supply of water is available, in an area where the land-formation 
is suitable. Therefore, it is a valuable source of electricity in certain areas, such as 
Scotland (24.8), but its general usefulness is limited. It contributes only about 2% of 
the electricity used in the UK, which is a pity as it does not use fossil fuels. 

Another obvious alternative is, of course, nuclear power (13.7). Although nuclear 
power stations have been running successfully for some years, there is a considerable 
amount of opposition to the growth of the nuclear power industry because of the 
possible health hazards from radioactive materials, and especially the problem of 
disposing of radioactive waste material. 

As a result of the widespread reluctance to become involved too hastily in the large- 
scale use of nuclear energy, various alternatives are under consideration by scientists 


332 


31.7 


Properties of 
hydrocarbons— 
a comparison 


and engineers. A common feature of these alternatives is that they make use of what 
one might call natural forces. Thus, three possible large-scale energy sources involve 
(a) harnessing tidal energy, (b) harnessing wind energy—not exactly a new idea! — 
(c) making direct use of solar energy (sunlight) and (d) using geothermal energy. 

Tidal power is a variation of hydro-electricity. The tidal flow in an estuary is used 
to fill a reservoir. The flow of water from the reservoir at low tide is used to drive 
turbines. Research is also being conducted into the use of wave power to drive 
turbines. 

Sunlight can be used to warm water or to produce electricity from solar cells, In 
some parts of the world, such as Iceland, hot water rises out of the earth and can be 
used as a source of heat and for generating electricity. In the UK experiments are 
being conducted to use geothermal energy by pumping water deep into the earth so 
that it can extract heat from rocks. 

At this moment the state of technology associated with these different methods is 
not sufficiently advanced to make them economically suitable for large-scale use. 
However, each of them might make more significant local contributions in the future. 

Hydrogen could become the fuel of the füture if an economical method could be 
devised for using natural forces to provide the energy to extract hydrogen from water. 
The advantage of using hydrogen as a fuel is that the product of burning it is water, 
and hence the starting material would be continually replaced. 

Plant material (sometimes called biomass) can be used as a renewable source of 
fuel. For example, in Brazil alcohol is being produced for use as a substitute for petrol, 
by fermentation of cane sugar. Research is also being conducted into the use of micro- 
organisms to convert agricultural and domestic waste into methane. Fermentation 
has been used to produce alcoholic drinks for thousands of years, but in recent years 
the use of micro-organisms to produce useful products, which is called biotech- 
nology, has become of much wider interest. Other branches of biotechnology are 
concerned with producing medicines (33.7) and proteins (33.5). 


There are three main series of hydrocarbons—the alkanes, the alkenes and the alkynes. 
As you might guess from their names, they are closely related. 

The members of all three series are similar in that they burn readily in air, but the 
flames produced become more sooty in the order, alkanes, alkenes, alkynes. This last 
observation can be explained by the proportion of carbon in the compounds increasing 
in the same order. When the formulae of corresponding members of each series are 
examined this is found to be the case. For example, the compounds in each series with 
two carbon atoms per molecule have the formulae, C,H, (alkane), C,H, (alkene) and 
C,H, (alkyne). 3 

If the atoms in these molecules are forming their usual number of bonds, their 
structural formulae must be: 


HiH H H 
Peel is 
H—C—C-H c= H—C=C—H 
atl fi N 
js Pikes | H H 
ethane ethene ethyne 


The alkane with two carbon atoms per molecule is called ethane. The corresponding 
alkene is therefore called ethene and the alkyne is called ethyne. Previously these last 
two compounds have been called by the less systematic names, ethylene and acetylene. 
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The alkane with three carbon atoms is called propane and the corresponding alkene 
is propene and the alkyne is propyne: 


Fareed H H H 


EA Een Aa 
HACCA CH c=C a H—C=c— C—H 
ae bare af \ a Af l 

Hy A AN 
H H 
ropane propene propyne 
talan) (alkene) (alkyne) 


Ethane and propane molecules contain only carbon-carbon single bonds and are 
said to be saturated. Ethene and propene molecules each contain a carbon-carbon 
double bond (formed from two pairs of shared electrons). Ethyne and propyne 
molecules each contain a carbon-carbon triple bond (formed from three pairs of 
shared electrons). Compounds containing carbon-carbon double or triple bonds are 
described as unsaturated. This is because they do not contain the maximum 
number of atoms per molecule that the electrons available for bonding would allow. 
If the electrons which are used to form the extra bonds between the carbon atoms 
were used to bond to other atoms, the compounds would become saturated. 

Members of all three series react with bromine and chlorine. Bromine is decol- 
ourised by shaking a solution of it with an alkene or alkyne at room temperature. 
Alkanes will only react with bromine if the two substances are left together in light for 
several minutes or heated together. 

The marked difference between the rate of the reaction with a saturated hydro- 
carbon and the rate with an unsaturated compound can be explained by the reactions 
being of different types. The alkane reaction is called a substitution reaction as 
hydrogen atoms in the molecule are gradually replaced by halogen atoms. It is difficult 
to stop the reaction at a particular stage and therefore a mixture of products is 
obtained. 

In the case of methane, the first member of the alkane series, reacting with chlorine, 
the sequence of reactions is: 


CH Ee Ch CH,Cl + HCl 
monochloromethane 


CH,Cl + Cl => CH,Cl, + HCl 
dichloromethane 


CH,Cl, + Cl, —> CHCl, + HCl 
trichloromethane 
(chloroform) 


CHCl, + Cl, > CCl, + HCl 
tetrachloromethane 
(carbon tetrachloride) 


During a substitution reaction of this type only one of the two atoms in each halogen 
molecule finishes in the organic product, the other forming a molecule of hydrogen 
halide. 

The higher rates of the reactions of alkenes and alkynes with halogens are explained 
by these reactions being addition reactions rather than substitution reactions. 
During the addition reactions the double or triple bonds become single bonds and the 
unused bonding electrons form bonds with halogen atoms. The result is that the two 
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TABLE 31.2. Members 
of the three hydro- 
carbon series 


31.8 


Properties and 
uses of alkanes 


ant ae = ami o 


reactants add together to form one product, 


H H H H 
N ji l | 
e.g. C=C + Br—Br > H— C—C—H 
Ye X | | 
H H Br Br 


All of the hydrocarbons are colourless substances which are insoluble in water. 
Within each series the boiling points of the compounds increase with relative 
molecular mass, the lower members being gases and the higher members liquids or 
solids. Table 31.2 lists this information, but you should realise that this information has 
been given so that you can see the trend; you are not expected to remember the actual 
values or the names of all but the first two or three members of each series. 


ALKANES ALKENES ALKYNES 
(023 3 PERAS CnHan 


Name Formula|b.p./°C| Name Formula|b.p./°C 


methane 
ethane ethene C,H, — 104 
propane C,H, propene C,H, —48 | propyne 
butane C,H. :5 |butene C,H, —6 | butyne 
pentane C,H pentene CyHyo 30 | pentyne 
hexane C,H. hexene C,H 64 | hexyne 


The alkanes are rather unreactive towards most common reagents. For example, they 
do not react with acids or alkalis, nor do they react with aqueous potassium 
manganate(VII), a powerful oxidising agent. 

In spite of their general lack of reactivity, the alkanes will burn readily in air, hence 
their importance as fuels. For example octane, CgHy,, is a major constituent of petrol. 
It is from this alkane that the term octane number is derived, The grade of petrol is 
indicated by its octane number which is obtained by experimentally comparing its 
efficiency to that of an isomer of octane which is given an octane number of 100, In 
more recent years the system has been simplified by replacing the octane number by a 
star rating. Four star petrol has an octane number of between 97 and 100, High 
compression engines tend to need petrol with a high octane number (95-100). The use 
oflower octane petrol with such engines would result in pre-ignition, that is, the petrol- 
air mixture would ignite in the hot cylinder before the piston was in the correct position 
and this would lead to a reduction in efficiency. 

In a good supply of air the products of combustion are the harmless substances, 


carbon dioxide and water (vapour), 


eg. - CH,(g) + 20,(g) > CO,(g) + 2H,O(g) 
methane 
GH(l) + 1240,(g) > 8CO,(g) + 9H,O(g) 
octane 


If the air supply is restricted, soot may be produced (unburnt carbon) or, more 
dangerously, some carbon monoxide may be formed. This gas is extremely poisonous 
and this is why good ventilation must be employed when gas fires are used. This is also 
why it is very dangerous to run a motor-car engine inside a closed garage; the engine 
always produces some carbon monoxide among its exhaust products (9.5 and 28.20). 

Methane in the form of natural gas (31.4) is a very important domestic and 
industrial fuel. Propane, C,H, can be liquefied by compressing the gas (unlike 
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31.9 
Properties and 
uses of alkenes 


„methane, no cooling is necessary) and hence it can be stored in the liquid form in metal 
containers. Ifsome of the liquid is allowed to escape from the container it immediately 
changes back to a gas because of the reduction of pressure. A small volume of the liquid 
will produce a large volume of the gas. These characteristics make propane 
particularly suitable for use as a portable fuel and it is the gas which is used in most 
bottled gas or camping gas cylinders. 

The controlled oxidation of methane is important. If it is burned with its flame 
against a cold surface carbon black is produced, which is an important constituent of 
rubber tyres and printing ink: 


CH,(g) + O(g) > C(s) + 2H,O(g) 


On the other hand, at high pressure in the presence of a nickel catalyst, methane may 
be oxidised to a mixture of carbon monoxide and hydrogen known as synthesis gas: 


CH,(g) + 40,(g) > CO(g) + 2H,(g) 


This mixture may then be converted; with the aid of a catalyst, into the important 
chemical, methanol: 


CO(g) + 2H, (2) 22! cH,OH() 
The only reactions, other than burning in air, which alkanes take part in are those 


with chlorine and bromine. As mentioned in the previous section, these reactions 
involve the substitution of hydrogen atoms by halogen atoms. 


Alkenes, unlike alkanes, contain a distinct functional group in the molecule, namely, 
the carbon-carbon double bond 


A 
C=C 
. A N 


The first member of the series, C,H, ethene, can be conveniently prepared in the 
laboratory by passing ethanol vapour over hot aluminium oxide (Investigation 32.2). 
The ethanol is soaked up in fine dry sand, or alternatively rocksil, in a boiling-tube 
then, with the tube clamped horizontally, some aluminium oxide is placed in it. After 
connecting the delivery tube, the aluminium oxide is warmed with a small Bunsen 
flame. The heat conducted down the tube causes ethanol to vaporize slowly, and its 
vapour is dehydrated as it passes over the hot aluminium oxide: 


C,H;OH(g) > H,O(g) + C,H,(g) 


The gas, ethene, can be collected over water. 

Because of the presence of a double bond, alkenes are much more reactive than 
alkanes. Some of the addition reactions of alkenes which are of industrial importance 
are described below. 


Addition of hydrogen 
If a mixture of ethene and hydrogen is passed over a hot nickel catalyst, ethane is 
formed, 


C,H,(g) + H,(g) > C,H,(g) 


H H H H 
Naa kea 
or C=C + H H HS OSCAHH 
Heke eae 
H H H Hu 
ethene ethane 
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This process is called hydrogenation ; it converts an unsaturated hydrocarbon into a 

saturated one. $ } $ : : 
Hydrogenation is industrially important in the hardening of edible oils for making 

margarine. Oils such as those extracted from ground nuts and soya beans contain 


unsaturated compounds. Hydrogenation converts them to saturated compounds in 
which have higher melting points and hence are solids rather than liquids. P 
Addition of hydrogen chloride 4 N 


Industrially a mixture of ethene with hydrogen chloride gas is passed over a hot 
catalyst, when chloroethane is formed, 


C,H,(g) + HCl(g) > C,H, Cl(g) 


H H By eae 
| 
nad * H-a “+ H-C— Cc —H 


fey: HG 


chloroethane 
This product is used to make tetraethyl lead, used as anti-knock in petrol (9.5). 


or 


Addition of chlorine or bromine : 3 : 
Whereas alkanes react with these halogens only in sunlight (31.7) or at high 
temperature, alkenes react readily at room temperature even in the dark, 


CH,(g) + Cla(g) > CoH.Cla(t) 
H, H H H 
NUR EIEN 
Cc 


re + c-cd + H— C —C—H 
H 


y EA 
H cl 
The product here is 1,2 


Cl 
-dichloroethane; note that addition occurs ‘across the double 
bond’, so that one halogen atom beco: 
reaction is used industrially, and the proc 


mes connected to each carbon atom. This 

juct is then heated under pressure, when it 

breaks down into hydrogen chloride and chloroethene (vinyl chloride), CH, = CHCI. 
This is used to make the important plastic, PVC (31.10). 


Alternatively, chloroethene ig manufactured from ethene in a single step process in 
which ethene, hydrogen chloride and oxygen are passed over a catalyst: 


eg: 


or 


H H H H 
4 S Va 
È See. i HCL + 40; R C=O +H,0 
X Hi N 
H H Cl 
Addition of water 


is very important in the manufacture of ethanol. 


This process, called hydration, Fe pines overt ahead 


Ethene and steam, at high temperature and pressure, 
phosphoric acid on silica, 
C,H,(g) + H,O(g) > C,H,OH(g) 


H H H H 
nies H Hr | | 
or C=C + See > H— 7 gT 7 =H 
H Mi Hy OH 


Most ethanol is now made in this way. 
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31.10 
Polymerisation : 


plastics 


Oxidation 
Whereas an alkane does not react with aqueous potassium manganate(VII), an alkene 
reacts readily in the cold. Ifan alkene is shaken with the acidified aqueous reagent the 
purple colour rapidly disappears, leaving a colourless solution. 

The reaction for ethene may be shown simply as, 


C:H,(g) + H,O(1) + [O] > C,H,(OH),(aq) 
H H H H 


| | 
OR S C— C-—H 
| | 
OH OH 
The product, a liquid soluble in water, is ethane-1 ,2-diol (ethylene glycol). Itisa type of 
alcohol, but with two hydroxy-groups in the molecule. - 

Ethane-1 ,2-diol is manufactured from ethene to be used as antifreeze to prevent the 
water in the cooling system of car engines freezing during cold weather, and as a raw 
material for the production of polyester fibres such as Terylene (32.9). 

The industrial oxidation does not use potassium manganate(VII), but goes in two 
stages. Ethene is catalytically oxidised by air to epoxyethane (ethylene oxide) 


CH,—CH,, 
Sage ieee 
Oo 


> 


and this is then hydrated using steam at high temperature and pressure to give ethane- 
1,2-diol. 


Polymerisation is the vital stage in the manufacture of plastics.-In -the case of 
polyalkenes (e.g. polythene, PVC and polystyrene) this involves the building up of 
giant molecules by successive addition reactions between thousands of alkene 
molecules. Polythene—more properly called poly (ethene) —is an addition poly- 
mer and is made by subjecting ethene to very. high pressures (perhaps 2000 
atmospheres) in the presence of a catalyst. The overall change when a lot of ethene 
molecules (monomers) combine to form a very long molecule of polyethene 
(polymer) can be represented by, 


monomer units 


DOH SEHH H 
[brs Paced pret Peed 
ea += C—C—C—C_C 
erage lee 
Hipage. HH 


n CH, = CH, > (- CH, - CH, -), 


t 
C=... polymer 
| 

H 


or more briefly 


The resulting molecule contains something like 10000-100 000 carbon atoms, and you 
can see that it is simply an alkane with a very long chain. The fact that the product is a 
saturated hydrocarbon accounts for its lack of chemical reactivity, which makes it 
useful for a wide variety of purposes. For example, polythene containers may be used 
for storing acids, alkalis and other corrosive substances. Glass can, of course, serve this 
purpose but it has the disadvantages of being much heavier and much more fragile. 
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Fig. 31.8 Uses of two common plastics 
( a Pipes which are made from PVC are 


very light 


(b) Refuse sacks made of poly 


h 
ly(chloroethene). Chloroeti 
(319) and then polymerised, 


pnn 


(ay 
D thene. (Both Shell 
Photographs) 3 


(b) 


Another important plastic is polyvinyl chloride (PVC)—more properly called 
01 


ene (vinyl chloride monomer) is made from ethene 


H 
oN ie oe + é C=C + 
+ C=C. + Garr Ke y, 
k Na H cl H Cl 
monomer units 
H H H H H H 
= ae — $ — i - es l polymer 


T E 
Hy aN AH Cl 
n CH, = CHCI > (- CH, - a =), 
Cl 


active and may be used for many purposes. 
electric cable sheathing and 


or more briefly 


is, li lythene, chemically unre id | 
jeans Pi Ger it is used for upholstery, piping, 
gramophone records. : 
Polymers which are for! 
polymers. Another group 


es together are called addition 
d by molecules which combine 
Il molecu ated, These sian eea 
ia i is forme nolecules 
SET eabayaly ers. Animportant example is nylon. Itis formed by oe anon 
a AAT Staining two NH, groups combining with a compor bie 
are inati sults i : atic 

my an cs OH group. Each combination results in the forma 

ontain . E; ponien a 
pe ag The bond formation can be re presented by 
molecule of water. 1 


AHNA |-NH, + HO-{ —OH +.. > 


H 


med by adding molecul 
of polymers is formes 
le such as water is elimin: 


| —|.,+nH,O 


N 
| 
H 


n 
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31.11 
Properties 
of plastics 


31.12. 
Properties and 
uses of alkynes 


One type of nylon, called nylon 66, is made from 
H,N(CH,),NH, 
HO,C(CH,),CO,H 
Other condensation polymers are mentioned in 32.9 

It should be mentioned before leaving this section that the chemical inertness 
(unreactivity) of these plastics is not entirely a blessing. The problem comes when 
objects made from them are thrown away, having outlived their usefulness. If a paper 
cup is thrown away it eventually rots and disappears, whereas a plastic cup does not. 
It is in some ways unfortunate that the development of cheap plastics has resulted in 
the proliferation of disposable containers —disposable they may be, but they end up 
as piles of rubbish which do not go away. A considerable amount of research is now 
going on into biodegradable plastics, that is, plastics which will gradually decay when 
left in the open air. 


1,6-diaminohexane 
and hexanedioic acid 


The properties of plastics which might concern the consumer could include their 
physical strength and flexibility, their appearance (can they be coloured?) and their 
resistance to heat and weather. By adjusting the components of the polymer and the 
conditions under which it is made, it is possible to produce a range of plastics which 
will be suitable for a wide variety of uses. i 

From the point of view of the manufacturer of plastic articles, one other important 
distinction between plastics must be taken into account. That is whether the polymer 
is thermoplastic or thermosetting. ‘Thermoplastic’ means it can be softened by 
heat and moulded an unlimited number of times. A thermosetting polymer, as the 
name suggests, cannot be reheated and reshaped: when it is heated in the moulding 
process, chemical changes occur, with new bonds being formed, which make it 
impossible. to resoften and remould the plastic. 

To make articles from thermoplastic polymers such as polyethene and PVC, the 
chemical manufacturer will supply the plastic in the form of small granules. The 
granules have been formed by heating the plastic until it is soft and then pushing it 
through small holes (extruding). The resulting wires of plastic are chopped up into 
small pieces. At the factory where the plastic articles are made, the granules are 
reheated and shaped into the article being produced. Several methods are used for 
moulding the soft plastic. One is called injection moulding, and if you examine 
products such as plastic bowls or boxes it is often possible to see a small pointed piece 
of plastic which shows where the soft plastic was injected into the mould. 

Thermosetting polymers are made as powders and are heated and compressed into 
the mould. This results in them permanently adopting the shape of the mould. 
Typical articles made by this method are electrical plugs and switches, which are 
made from plastics such as bakelite. These are condensation polymers -(31.10) based 
on methanal (CH,O). 


Alkynes are hydrocarbons with a greater degree of ‘unsaturation’ than alkenes, having 
a carbon-carbon triple bond in the molecule. The simplest alkyne is the gas ethyne 
(acetylene), C,H. Its molecular structure may be shown as H—C = C—H. 

It is formed when calcium dicarbide, CaC, (made by reacting calcium oxide, 
quicklime, with coke), is treated with water at room temperature: 


CaC,(s) + 2H,O(1) > Ca(OH),(aq/s) + C,H,(g) 


The gas burns readily in air with a luminous smoky flame (a lot of carbon escaping 
unburnt as soot). In the early days of cycling and motoring the reaction of calcium 
dicarbide with water was used as the basis of the acetylene lamp, a temperamental 
device which would not compare very favourably with the modern electric light! 
Nowadays the combustion of ethyne is used to generate high temperatures for 
welding and metal-cutting, using the oxy-acetylene torch. The reaction between 
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Fig. 31.9 (a) 
Oxyacetylene cutting 


(b) Oxyacetylene welding. 


(Both Courtesy British 
Oxygen Company) 


(a) 


ethyne and oxygen (both supplied from cylinders under pressure) is so highly 
exothermic that temperatures of around 3000°C are obtained: 


C,H,(g) + 240,(g) + 2CO,(g¢) + H,O(g) 
Ethyne is an important intermediate in the organic chemical industry, and is made 
on a large scale by heating methane (from petroleum or natural gas) to a temperature 
of 1500°C in the absence of air: 


9CH,(g) 1500°C C,H, (g) + 3H,(g) 


Ethyne, like ethene, undergoes addition reactions, being an unsaturated 
hydrocarbon. Thus, treatment with hydrogen over a hot nickel catalyst yields ethane: 
C,H, (g) + 2H,(g) > C,H,(g) 

Addition of hydrogen chloride yields 1,1-dichloroethane: 

C,H,(g) + 2HCl(g) - CH, —CHCI,(1) 
(Note that both halogen atoms become connected to the same carbon atom in this 
reaction.) Addition of chlorine yields 1,1,2,2-tetrachloroethane (bromine reacts 
similarly) : 

C,H, (g) + 2Cl,(g) — CHCl, — CHCI,(1) 
This reaction is used industrially, following which the product is heated so that it 
breaks up into hydrogen chloride and trichloroethene (trichloroethylene), 
CHCl = GCl,. The latter is an important solvent used, for example, in degreasing 
metal surfaces. 


) ae = Sea eae ETS, | 


1. The fossil fuels, coal, petroleum and natural gas not only supply most ofour energy 
but also act as the major sources of organic chemicals. Alternative Se ee 
for the future need to be considered since reserves of fossil fuels are oe an 

2. Alkanes, which are important fuels, are saturated hydrocarbons. Bo x ot 
easily burnt they are chemically ee under most conditions, though they 

i substitution reactions with halogens. s i 

B: AE are unsaturated hydrocarbons, They are chenueally aie 
undergoing a variety of addition reactions, and are mporn a papa 
intermediates. Alkenes undergo polymerisation, the reaction involved in the 


manufacture of plastics. 
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cece Sources of organic compounds: 
alcohols, acids and esters 


Investigation The oxidation of an alcohol. 
32.1 (a) Put 5 drops of ethanol in a dry crucible or porcelain basin and try to set. 

<æ fire to it with a lighted taper. 3 

Question 1 Since ethanol isa compound of carbon, hydrogen and oxygen whatareits 
combustion products likely to be? 

æ (b) Put 5 drops of ethanol in a test-tube. Add about 1 cm? of dilute sulphuric ~ 
acid, then 2 drops of potassium manganate(VIl) solution. Warm gently and 
note what happens. 

Repeat this experiment using potassium dichromate(VI) solution in place ` 

æ of potassium manganate(Vil). 

Questions 2 Does ethanol react with either of these oxidising agents? 

3 How can you tell that reaction has occurred? 

4 Describe any smell that you might have noticed in either of these 

reactions, other than that of ethanol itself. 

5 When wine, which contains ethanol in aqueous solution, is left open to 

* the air it turns sour. How can this be explained? 

Investigation What are the properties of the gas formed by 
32.2 dehydrating ethanol? > 

w You will need a boiling-tube, fitted with'a bung and delivery tube, so thatthe ~ 
gas can be collected over water (Fig. 32.1). ; 

Fig. 32.1 Aluminium 


oxide 


Ethanol 
absorbed 
in fine sand 
or rocksil 


Put some loosely packed Rocksil (or fine dry sand) in the boiling-tube to 4 
depth of about 2 cm. 

Using a teat pipette, add ethanol to the tube so that the rocksil is 
thoroughly soaked and there is only a very thin layer of ethanol above the 
solid. i - 
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Questions 


32.3 


Questions 


Questions 


Clamp the tube “horizontally and put a layer of dry aluminium oxide 
halfway down the tube (Fig. 32.1). 

Put the bung and delivery tube in the boiling-tube. 

Heat the aluminium oxide gently. The heat which is conducted down the 
tube will be sufficient to vaporise the alcohol which will then be dehydrated 
by the aluminium oxide. 

After the air has been expelled from the apparatus, collect three test-tubes 
full of the gas. 

Test the three samples of gas in the following ways: 

(a) open the first tube and place a lighted splint in the gas which escapes at 
the top of the tube; 
(b) add a few drops of bromine water and shake the tube; 
(c) add a few drops of acidified potassium manganate(VIl) solution and 
e shake the tube. 


1 The gas is a hydrocarbon. From the evidence of the three tests, to which 
series of hydrocarbons could it belong? 

2 The formula of ethanol is C2HsOH. If the elements which make up water 
are removed, what will be the formula of the remaining gas? 


What are the properties of an organic acid? 

æ (a) Put 2 cm? of sodium hydroxide solution in a test-tube and add a drop 
of litmus (or Universal Indicator) solution. Now add dilute ethanoic (acetic) 
acid a little at a time, with shaking, until a change is observed. 

(b) Put a small lump of marble (calcium carbonate) in a test-tube and 
add about 2cm? of dilute ethanoic acid. Observe what happens, and 
identify the gas evolved. 

(c) Put about 2 cm? of dilute ethanoic acid into a test-tube and add a piece of 

æ magnesium ribbon. Observe what happens, and identify the gas evolved. 


1 On the evidence of these experiments, in what ways does ethanoic acid 


behave as a typical acid? 
2 Dilute ethanoic acid is smelly, and is a weak electrolyte. What 


conclusions can you draw from this? 


æ (d) Put 5 drops of ethanol into a test-tube and add cautiously 5 drops of 
concentrated sulphuric acid, followed by 5 drops of glacial (pure) ethanoic 
acid. Stand the test-tube in hot water for a few minutes, then pour the 
contents into 20-50 cm? of cold water contained in a basin or small beaker. 

æ Smell the resulting mixture. 


3 How would you describe the final smell? 
4 Have you ever come across this smell before? If so, where? (The smelly 
substance formed in this reaction is an ester, ethyl ethanoate (32.9).) 


Converting a plant oil into a soap. 


Oils from plants contain esters of the alcohol, propane-1,2,3,-triol, and 
carboxylic acids with large numbers of carbon atoms in their molecules 
(32.10). When the oil is heated with aqueous sodium hydroxide, the esters 
are hydrolysed and a solution of the sodium salts of the acids is produced. 
These are soaps and they can be isolated by adding salt to the solution. 


æ You will need some castor oil, some 5M sodium hydroxide solution (this is 
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es 


more concentrated than the usual bench solution and must be treated with 
great care) and some solid sodium chloride. 


Add about 2 cm° of castor oil to a small beaker, together with about 10 cm? 
of 5M sodium hydroxide solution. 
Warm the beaker and stir the mixture until the liquid boils. Boil the mixture 
gently for a few minutes, adding more water, if necessary, so that the volume 
does not become too small. 5 
Now add another 10 cm? of distilled water and about three teaspoonsful 
of solid sodium chloride, Boil the mixture gently for two to three minutes, 
stirring with a glass rod. 
Allow the mixture to cool, continuing to stir to break up any large lumps of 
solid. 
Filter off the solid and wash it witha little distilled water. 
Finally add a little of the product to some distilled water in a test-tube. 
Shake and observe what happens. 


Fig. 


1 Why is the hydrolysis of the ester in castor oil faster with aqueous sodium 
hydroxide than with water? 
2 Why was the product shaken with distilled water, and not with tap water, 
when finding whether it was a soap? 
3 How does the solubility of a soap in salt solution differ from its solubility 
in water? Try to explain your answer. 3 


Questions 


Drinks such’as wine, beer and spirits have probably been known to man for over 3000 
years. The substance which is present in all of them is commonly known as alcohol. 
The proper chemical name for this substance is ethanol and it is only one member ofa 
series of alcohols. As it is the most common one it is often called alcohol. The first three 
members of the homologous series of alcohols are listed in 30.9. Inspection of 
their formulae shows that they can be represented by the general formula 
C,H,,,410H, or, more simply, ROH where R is an‘alkyl group (30.7). The functional 
group present in every member of the series is the hydroxy group — OH, bonded 
covalently to carbon. 

Ethanol is the only member of the series which, if suitably diluted, as in alcoholic 
drinks, can be consumed by human beings. The consumption of undiluted ethanol 
would be extremely harmful and as you probably know, excessive, regular 
consumption of alcoholic drinks, particularly spirits, can lead to ill-health. The other 
members of the homologous series of alcohols cannot be drunk safely. Methanol is 
added to ethanol to make methylated spirit (meths) to make it unsafe to drink. 

Ethanol in the form of alcoholic drinks is produced by the fermentation of sugars, 
= under the influence of enzymes (biological catalysts) present in yeast. In the case:of 
beer and also some spirits such as whisky the starting material is starch in the form of 
barley, and so a preliminary stage is the hydrolysis of the starch to form sugars. When 
fruits such as grapes are used as the starting material, the sugars are already present. 
The main reactions, starting, for example, with sucrose (cane sugar) as the raw 
material, are firstly the hydrolysis of sucrose to glucose and fructose, 


Ci:Ha0;, (aq) + H,O(1) + 20,H;20,(aq) 


and secondly the decomposition of glucose to ethanol and carbon dioxide (hence the 
formation of froth) : 


32.6 


C,H,04(aq) > 2C,H;OH(aq) + 2CO,(g) 


Fermentation is carried out at warm room temperature, about 25°C; at lower 
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-room at John Smith's 
Tadcaster Brewery. The 
froth is caused by the 
carbon dioxide given off 
during the fermentation. A 
sample is being taken so 
that its specific gravity can 
be measured to check how 
the fermentation is 
proceeding. (Courtesy 
John Smith’s Tadcaster 
Brewery Ltd) 


Properties and 
uses of ethanol 


= er Tas a = le eae ə eR e 
: P x” 


temperatures the reaction is far too slow, while at higher temperatures the yeast is 
‘killed’. At 25°C the production of beer from barley malt takes about a week. When the 
concentration of alcohol reaches about 10% (wine strength), fermentation stops and, 
ifa more concentrated alcohol solution is needed, such as in the production of spirits, it 
18 necessary to remove some of the water by distillation. Complete fractional 
distillation ofa solution of ethanol and water yields a mixture containing 96 % ethanol 
which is used, for example, as surgical spirit. 


32.2 The fermenting ee “ mS oa 


Until the growth of the petroleum industry, 
source of ethanol for industrial purposes. Now, 
manufactured by the hydration of ethene (31.9). 


fermentation of sugars was the main 
however, most industrial ethanol is 


Ethanol undergoes a wide variety of chemical reactions, 


and some of the more 
important ones are discussed below. 


Combustion in air 
Ethanol, in the form of methylated spirit, is used as a fuel in small spirit burners for 


camping stoves etc., though it has now been superseded by ‘bottled gas’ such as 
propane. 


When ethanol burns the products are carbon dioxide and water: 
C,H;OH(1) + 30,(g) > 2CO,(g) + 3H,O(g) 
Oxidation to ethanoic (acetic) acid 
Vinegar, a dilute (4%) aqueous solution of ethanoic acid, has been known as long as 
wine; in fact, the old name ‘acetic acid’ comes from the Latin name for vinegar. If wine 


is left open to the air for some weeks it goes sour, because of oxidation of the ethanol by 
air, aided by bacteria. The product of this oxidation is ethanoic acid: 


C,H,OH(aq) + O,(g) > CH;COOH(aq) + H,O(1) 


In terms of molecular structures, the reaction involves conversion of the —CH,—OH 
group of the alcohol to the carboxyl group, 
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Fig. 32.3 Conversion of 
ethanol to ethanoic acid 


(a) 
(First stage) - 


Vinegar isstill made by the air-oxidation of wine, but most ethanoic acid for industrial 
purposes is now obtained from petroleum products. 


Ethanoic acid 
(aqueous) 


Ethanol can also be oxidised to ethanoic acid using chemical oxidising agents such as 
potassium dichromate(VI) solution. An aqueous solution of ethanol, pim 
dichromate(VI), and sulphuric acid is refluxed for about half an = ugh E 
apparatus shown in Fig. 32.3(a). The purpose of the vertical reflux panser E 
prevent volatile substances—such as ethanol itself— from escaping while the reac on 
proceeds. When the reaction is complete the condenser is turned to its a 
position asin Fig. 32.3(b) and the reaction mixture is distilled. The distillate, collecting 
in the receiver, is an aqueous solution of ethanoic acid. 


Dehydration to ethene ; 
Ethanol may be dehydrated to give ethene (ethylene), 


C,H;OH(l) > H,O(1) + C,H,(g) 


H H 
| | Oia ar 

or Sores tie yo a 
H H 


This reaction is the reverse of the process by which ethanol is eo 
ethene (31.9), but is useful in the laboratory as a method of preparing the gas, ethene, 
by passing ethanol vapour over heated aluminium oxide (31.9 and 32.2): 
Reaction with sodium metal é à 
As you know, sodium metal reacts quite violently with water, liberating hydrogen and 
forming sodium hydroxide solution: 

H,O(1) + Na(s) > NatOH-(aq) + 4H,(g) 

(HOH) 


Tonic charges have been included on this occasion to emphasise the fact that\sodium 
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32.7 
Carboxylic acids 


hydroxide is an ionic substance. ? 

Inasimilar fashion, sodium will react with an alcohol such as ethanol, The reaction 
is much less vigorous than that with water, though effervescence is quite brisk. The 
Teaction is of the general type: l 


ROH(1) + Na(s) > RO-Na+ (alc. soln.) + 4H,(g) 


The product, which, like sodium hydroxide, is ionic, is called an ‘alkoxide’; thus the 
Product from ethanol is sodium ethoxide. It is not very soluble in cold ethanol, and 
readily crystallises if the solution is cooled. 


Formation of esters $ 
An important reaction of. alcohols is their reaction with acids (usually organic acids) to 
form substances known as esters. This reaction is discussed in 32.9. i 


The carboxylic acids (formerly called fatty acids because of their presence in natural 
fats) have the general formula CnHan1 COOH or, more simply, RCOOH where ‘R’ is 
an alkyl group or a hydrogen atom. The simplest carboxylic acids are methanoic acid 
(formic acid), HCOOH, and ethanoic acid (acetic acid), CH;JCOOH. The latter is the 
acid present in vinegar, while the former is the acid present in the sting of an ant— 
hence the old name, from the Latin ‘formica’ = ant. The structural formulae for 
methanoic acid and ethanoic acid are, 


H 
o | o 
H 0G and = H-C_c@ 
O—H [a SOL 
H 


Carboxylic acids are colourless substances with characteristic ouours. They are 
either liquids or solids at room temperature depending on their relative molecular 
mass. The ‘lower’ members of the series are completely miscible with water, while the 
higher members become less soluble in water as the size of the alkyl group increases, 


Ethanoic acid (acetic acid), CH,;COOH, the most familiar carboxylic acid, is typical 
of this series of compounds: It is a colourless liquid at normal room temperature, witha 
pungent vinegary smell. It freezes at 1 7°C, so that in cold weather crystallisation may 
occur—hence the old name glacial acetic acid for pure ethanoic acid. 


Only the hydrogen atom of the carboxyl group undergoes ionisation. The 
hydrogen atoms of the alkyl group are rather inert like those in an alkane. The 


H H 

Pe 40 H l O oe 
EESO e IE E 4 Som 
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32.9 
Properties and 
uses of esters 


or CH,COOH(aq) = CH,COO-(aq) + H*(aq) 
The anion formed is the ethanoate (acetate) ion. 


Acidic behaviour of ethanoic acid 
Ethanoic acid behaves as a typical acid in aqueous solution. The more reactive metals 
liberate hydrogen from it. Also it reacts with alkalis and bases to form salts. 


eg. . NaOH(aq) + CHCOOH (aq) > CH,COONa(aq) + H,O(!) 


The salt formed here is sodium ethanoate (sodium acetate). It is a typical colourless 
odourless crystalline solid, fully ionised in solution and therefore a good electrolyte. Its 


ionic structure is, 


H 
| We) 
H—G—CO_ Nat 
| Qz 

H 


(Don’t be confused by the fact that the metal is written at the end of the formula; this is 
just a convention peculiar to organic chemistry, and it has no particular significance.) 

Most ethanoates (acetates) are soluble in water; indeed lead (II) ethanoate is, apart 
from lead(II) nitrate, the only common lead salt which is soluble in water. 


Esters are covalent substances in which the ‘acidic’ hydrogen atom of an acid is 
replaced by an alkyl group. Thus, for example, ethyl ethanoate (ethyl acetate) has the 
structural formula, 


H 
fea rors E 
TPIS tadam S 
E enon OOH 
H | | 
H H 
ethanoate ethyl 


usually written more simply as CH;COOC,H;. 


Esters are generally liquids immiscible with water. (They can be solids.) They have 
characteristic fruity smells. Many esters occur naturally in fruits and flowers, and quite 
large quantities of manufactured esters are used to provide the flavour and odour of 
products such as sweets, ice-cream and perfumes. 

The formation of an ester by reaction between an alcohol and a carboxylic acid is 
easily shown (Investigation® 32.3). Small quantities of ethanol, concentrated 
sulphuric acid and glacial ethanoic (acetic) acid are cautiously mixed in a test-tube. 
The mixture is then warmed gently for a few minutes, after which the reaction 
mixture (when cool) is poured into cold water in a beaker. The fruity smell of ethyl 
ethanoate (ethyl acetate) will now be detected, and you may recognise it as being 
similar to that of certain adhesives, in which this ester is used as a solvent. 


CH,COOH(l) + G,H,OH(l) = CH,COOC,H,(I) + H,O() 


Note that this reaction is reversible, so it does not go to completion. The sulphuric acid | 


in the reaction mixture acts as a catalyst. 
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32.10 
Soap 


Esters in industry 
Apart from their uses in foods etc. mentioned above, esters have some very important 
large-scale uses. They are employed as solvents, for example in adhesives and emulsion 
paints, and they are polymerised to form various plastics and synthetic fibres. 
Polyvinyl ethanoate is used to make plastic film, glues and paints; polymethyl 
methacrylate is used for Perspex, while various polyesters such as Terylene are used to 
make clothing. 

Terylene is made by esterification of ethane-1,2-diol (ethylene glycol) with 
benzene-1,4-dicarboxylic acid (terephthalic acid), to produce a long-chain molecule; 


... + HO—CH,—CH,—OH + HO /OH +... 
Oo” So 


—O~—CH,—CH,—O. + EO 
o Sols 


Terylene unit 


This is not, strictly, a polymerisation reaction since water is also formed, but the 
product is nevertheless called a polyester. A polymer formed by this type of reaction, 
which is not the straightforward addition of monomers, is sometimes called a 
condensation polymer. Bi 

(Thesymbol () _ is used to represent the compound benzene which consists of a 
ring of six carbon atoms, each of which is bonded to a hydrogen atom. To save time the 
carbon atoms and hydrogen atoms are not written in the formula. However, if any of 
the hydrogen atoms are replaced by other groups, such as the carboxylic acid groups 
in terephthalic acid, it is obviously necessary to write them out fully.) 


Hydrolysis of esters Paste 
As mentioned earlier, the esterification reaction is reversible. Consequently, an ester 
can be hydrolysed by water to'reform the alcohol and the carboxylic acid, thus: 


CH;COOC,H,(!) + H,O(l) = CH,;COOH(aq) + C,H,OH(aq) 
ethyl ethanoate ethanoic acid ethanol 


In practice, the hydrolysis must be catalysed by the presence of acid or alkali for it to 
occur at a reasonable rate. An ester, if refluxed with aqueous acid, will be partly 
hydrolysed according to the equation above. 

Much more important, however, is hydrolysis using aqueous alkali; this is called 
saponification. The reaction goes to completion (if excess alkali is used) since the 
carboxylic acid ends up as a salt, 


eg. CH,;COOC,H,(1) + NatOH-(aq) + CH,;COO-Nat(aq) + C,H;OH(aq) 
The alkali is not simply a catalyst in this reaction, since it is converted to sodium 


ethanoate. The name saponification is used because a reaction of this type is the key 
stage in the making of soap (next section). 


The French chemist Chevreul, in the early nineteenth century, carried out research 
into the nature of soap. It had been known for a long time that soap could be made by 
boiling vegetable oils or animal fats with caystic soda (sodium hydroxide) solution. In 
1816 Chevreul established that soap is formed by combination of the alkali with an 
acidic part of the fat—or in modern terms, sgap is the sodium salt of an organic acid. 
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. Animal fats are esters formed between the alcohol propane-1 ,2,3-triol (also known - 


as -glycerol or glycerine) and long-chain carboxylic acids- such as stearic acid 
(octadecanoic acid) —hence the old name ‘fatty acid’ for this type ofacid. The alkaline 
hydrolysis (saponification) of a typical fat involves the reaction: 


CHa COOCH, HOCH, 


| | 
CyHjCOOCH + 3NatOH- > 3C,H,COO-Nat + HOCH 


i I 
. CHa COOCH, son aiid HOCH, 


glyceryl tristearate (fat) glycerol 


The structural formula for this soap is: 
HHH HHHHHHHHHHHHHH 
el 


PSR Pole bed TP | Mea FA 
H-C-C-C-C-C-C-C-C_C-C-_C-_C-C_C_CG Tok Nat 
EET AET a bh 3 | 

-HHHHHHHHHHHHHHAHHHAXH 


The exact length of the alkyl group is somewhat variable, depending on the identity of 
the original fat, but the essential feature of the structure is that there is a long-chain 
hydrocarbon with an ionic group at one end. This is what gives soap its remarkable and 
useful properties. 

A simple hydrocarbon such as C,,H,, is immiscible with (insoluble in) water, but 
miscible with (soluble in) substances of a similar nature such as oil and grease. On the 
other hand a simple salt like sodium carbonate, Na,CO,, with an ionic structure, 


cy eles 
| 


is soluble in water but insoluble in substances like oil and grease. Soap, because of its 
peculiar molecular/ionic structure, is both hydrocarbon and salt at the same time, and 
so it shares the solubility properties of both. It can therefore act as an emi i 
agent, bringing together as an emulsion the normally immiscible liquids oil and water. 
If we represent the structure of soap for simplicity as - 


—_— SO Nat 


where mananan represents the long alkyl group and © stands for the 
i atl charged carboxyl group, then the emulsifying action of soap is illustrated by 
ig. 32.4. 

The oil droplet, with the alkyl groups of the soap embedded in it and the negatively 
charged carboxyl groups sticking out is, in effect, a giant anion. The oil, broken up into 
these tiny droplets, is now dispersed in the water as an emulsion. 

The action of soap as a cleansing agent is twofold. Not only does it emulsify oil and 

\ grease, but it also lowers the surface tension of the water, as a result of which the water 
wets things more effectively. Normally if a small quantity of water is placed on the 
surface of a piece of fabric, the drops do not soak into the fabric. This is because the 


~ molecules of water exert such strong attractive forces on each other they tend to stay 


as close to each other as possible (Fig. 32.5(a)). Ifa drop of soap solution is added to 


_ this water, the hydrocarbon parts of the soap molecules try to keep away from the 


water and the salt parts are attracted to the water. Therefore a lot of the soap mole- 
cules arrange themselves between the water molecules on the surface of the water 
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Fig. 32.4 The 
_emulsifying action of soap 


Fig. 32.5 A drop of water 
will soak into fabric better 
when detergent has been 
mixed with it 


32.11 
Modern 


detergents 


(Fig. 32.5(b) ). This in turn makes the attractive forces between the water molecules less 
effective and allows the water to spread out and wet the fabric. The reduction of 
surface tension in this way is more easily demonstrated by adding some soapless 
detergent (next section) to water. : 

When the fabric is agitated in water containing soap (or soapless detergent), either 
by hand or in a washing machine, not only is greasy material emulsified but also solid 
particles of dirt are loosened and removed. 5 


650606 06 06 0$ 0608 oy 
O9 Water and detergent 0 


Fabric 


(b) 


The word detergent means ‘cleaning agent’ and so strictly speaking soap should be 
called a detergent and the cleaning agents commonly known as detergents should 
be called soapless detergents. 2 A ; 

Modern synthetic detergents are designed in such a way that problems with water 
hardness do not arise. Many are made by reacting hydrocarbons from petroleum with 
concentrated sulphuric acid (a major use for sulphuric acid), and converting the 
product into its sodium salt. A typical sodium alkylsulphate is C,,H;,0SO,—Nat, that 


is: 
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Fig, 32.6 Treatment of 
oil pollution at sea by 
Spraying with detergent. 
(Crown copyright and 
courtesy of Warren Spring 
Laboratory ) 


32.12 
Summary 


H .H,H,H H HHH HH HHHHH (0) 
| sal: sle alomati dedal yle al Il 
H-C-C-C-C-C-C-C-C-0C-C-C-0C-C-C-C-0-S$-0- Nat 


EEE E EN P a er e a e cs e a | 
HHH HeH H HH H HH H H (0) 


You will see that the structure is very similar to that of soap, in that there is a long 
alkyl group with an ionic group at one end. Hence they operate in the same way as 
soap. They reduce the surface tension of water, so enabling the water to wet the fabric 
more thoroughly, and they emulsify oil by the same mechanism as soap. Their ability 
to emulsify oil makes them particularly useful when a shipping accident results in an 
oil-slick on the sea. The oil is sprayed with a solution of detergent which emulsifies the 
oil. This disperses the oil before it is washed into shallower water or on to the coast 
pane it would be more harmful to marine and bird life and also pollute beaches. 


à 


Une ot the important advantages of synthetic detergents is that precipitation vith 
small concentrations of Ca?+ or Mg?+ ions does not occur and so the problem ofscum in 
hard water does not arise (10.21). 

Problems have, however, occurred with pollution. Some of the early synthetic 
detergents were found to be non-biodegradable, i.e. they were not broken down by 
bacteria and they accumulated in rivers, polluting the water (10.13). This problem 
was overcome when the manufacturers found that if the carbon chain is straight and 
not branched, the detergent. is biodegradable—i.e. broken down by bacteria. 
Another problem has arisen with certain phosphate additives, which upset the 
balance of river life. They act as nutrients for algae, to the extent that they multiply 
ane form a green scum on the water. Action has now been taken to solve this problem 
also, 


1. Ethanol is produced naturally in the fermentation of sugar. It undergoes oxidation 
to ethanoic (acetic) acid, Which is present in vinegar. Ethanol may be dehydrated 
to ethene. 

2. Carboxylic acids are present, as esters, in natural fats. Esters are formed by reaction 
between a carboxylic acid and an alcohol. They may be hydrolysed using alkali in 
the saponification reaction employed in the manufacture of soap. Carboxylic acids 
are weak acids, only slightly ionised in solution. Certain synthetic fibres such as 
Terylene are polyesters. 

3. Soap is the sodium salt of a long-chain carboxylic acid. It has the property of 
lowering the surface tension of water and emulsifying oil and grease. Modern 
synthetic detergents act in a similar manner, but are not affected by hard water. 
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Chapter 33 


Investigation 
\ 33.1 
Fig. 33.1 


Solid mixture of 
ammonium chloride 
and calcium 
hydroxide 


Gentle 
heat 


Question 


Questions 


Questions 
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Ammonia 


What are the properties of ammonia? 

You will need a supply of ammonia gas. This can be conveniently prepared 
by heating a solid mixture of ammonium chloride and calcium hydroxide, 
which gives off ammonia gas on gentle heating. A suitable apparatus is 
shown in Fig. 33.1. 


Note that the mouth of the test-tube should incline slightly downwards, as 
water is formed and this would otherwise run back and crack the hot glass. 


Gently heat the mixture to produce some ammonia to carry out the following 
investigations. 

(a) Invert a test-tube over the delivery tube so as to collect ammonia 
by upward delivery (ammonia is less dense than air). Leave the tube in 
place for about half a minute and then place it with its mouth under water in 
a beaker of water. Observe what happens. 


1 How would you describe the solubility of ammonia from what you seein 
this experiment? 


(b) Wet the end of a glass rod with concentrated hydrochloric acid, and hold 
it near the end of the delivery tube. Observe what happens. 


2 Since ammonia is an alkaline gas and hydrochloric acid gives off an 
acidic gas (hydrogen chloride), what type of compound is likely to be formed 
in this reaction? 

3 What is the substance formed? 


(c) Hold a burning splint close to the end of the delivery tube to see whether 
ammonia gas burns in air. 


What are the properties of an aqueous solution of 
ammonia (ammonium hydroxide)? 
(a) Put 3-4 cm? of dilute ammonia solution in a clean evaporating basin, 
Cautiously smell the liquid and test the liquid with red and blue litmus 
papers. 

Now, with the basin on a tripod and gauze, gently boil the liquid and test 
the vapour with moist red litmus paper. 

Allow the liquid to boil away, but stop heating just before it goes dry, and 
observe whether any significant résidue is left. 


1 Is the liquid acidic or alkaline? 
2 Is the solute given off with the steam on boiling or is it left as a residue? 
3 Is the solute volatile? 


Be 


Questions 


Questions 


Investigation 
33.3 


Question 


Questions 
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æ (b) To about 2 cm? of dilute ammonia solution in a test-tube, add 2 or 3 
drops of litmus solution. 3 
Now add dilute hydrochloric acid, a few drops at a time, with shaking, until 
the indicator changes colour. ; 
Pour about half the liquid into a clean dish and smell it to see if it smells of 
ammonia. 
To the remaining liquid in the test-tube, add about an equal volume of 
sodium hydroxide solution and smell the mixture. 
Finally, warm the tube, holding moist red litmus paper at the mouth, and 
æ observe what happens to the litmus. 


4 What type of reaction takes place between ammonia solution and an 
acid? 

5 What type of substance will be formed in this reaction? 

6 Is ammonia given off after addition of sodium hydroxide solution? 


æ (c) Into four separate test-tubes put about 2 cm? of solutions of:iron(II) 
sulphate, iron(Ill) chloride, magnesium sulphate and copper(II) sulphate 
respectively. . 

To each tube add about 1 cm? (no more) of dilute ammonia solution and 
stir with a glass rod. Observe what happens. 

Now, fill each tube to about two-thirds full with ammonia solution and stir 
well. You should observe that one mixture behaves differently from the 

æ others; decide which one it is and note what has happened. 


1 ` What were the four precipitates? 

‘2 In which tube did the precipitate behave differently when excess 
ammonia solution was added? 

3 What happened to the precipitate in this example? 


What are the properties of ammonium chloride? 


Ammonium chloride is the salt formed when ammonia reacts with hydrogen 
chloride, or when ammonia solution reacts with hydrochloric acid. 
œ (a) Put solid ammonium chloride into a test-tube to a depth of about 0.5 cm. 


Fold a piece of moist red litmus paper over the rim of the tube and gently . 


heat the ammonium chloride. Continue heating for some time. , 
Observe what happeis (i) at the bottom of the tube, (ii) in the middle of 
@ the tube, (iii) near the top of the tube. 


1 What is the word used to describe the type of change in state that 
ammonium chloride undergoes when heated? 


œ (b) Put about 2 cm? of ammonium chloride solution in a test-tube and note 
whether it smells of ammonia. 
Add an equal volume of sodium hydroxide solution and smell it again. 
Now heat the liquid gently, holding moist red litmus paper at the mouth of 
æ% the tube. 


2 ` Does ammonium chloride solution have a definite smell? 
3 What gas is given off when ammonium chloride is warmed with sodium 
hydroxide solution? 


Questions 


33.4 
The elements of 
life 


-33.5 
-Proteins 


œ Repeat part (b), using ammonium sulphate solution instead of ammonium 
@ chloride solution. 


4 What gas, if any, is given off this time? 7 : 
5 Whation in the salt reacts with sodium hydroxide solution, liberating this 


gas? 3 
6 From the results of parts 2 and 3, what is a test for an ammonium salt? 


All types of life form part of a natural cycle. A plant or animal is born, then it takes in 
matter from its surroundings as it grows and lives, then eventually it dies. If it dies 
naturally it rots away and returns to the surroundings. If it is eaten for food, then 
it becomes part of another living organism which, in its turn, will die. 

The four most important elements from which living things are made up are carbon, 
hydrogen, oxygen and nitrogen. However, for healthy growth, plants and animals 
need many other elements from the soil or from the atmosphere. The elements which 
are removed in the greatest quantities from soil when plants grow in it are nitrogen, 
phosphorus and potassium. For a soil to be fertile these elements must be present. If 
they are missing, or if they are removed by growing successive crops in the soil, they 
must be added in the form of artificial fertilisers (33.10) which will make the soil 
fertile. } 

Other elements such as iron and manganese are also essential, but they are removed 
in such small quantities by growing plants that they rarely need to be added in 
fertilisers. r i i 

The part which carbon plays in the life cycle has been discussed in some detail 
(9.4, 28.8). The carbon cycle involves the use of the sun’s energy to build up starch 
(carbohydrate) in plants from carbon dioxide in the atmosphere. This starch 
eventually becomes our food, from which we obtain energy (9.4). This chapter is 
mainly concerned with the important part played by nitrogen in the life cycle. 


Quite a large proportion of animal matter is protein—about 15% for a human being. 
You have probably heard of protein, but what is it? Protein is a vital constituent of 
living cells, and it occurs particularly in muscles, blood, cartilage and hair. It is 
essential for us to have a supply of protein in our diet. Foods that are particularly rich in 
protein are meat, fish, milk, cheese, and various kinds of nuts and beans. 

Proteins are organic nitrogen compounds, and their importance to living matter is 
that they consist of very long-chain molecules which can be used for building up 
fibrous material as required for muscles, hair, cartilage, skin. 

The long-chain molecules of protein are built up of amino acid units. Amino acids 
contain the functional group, 


H H 
AUA 
N 


the amino part being the — NH, group. 
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There are many amino acids, the simplest being aminoethanoic acid, which is 
usually known as glycine: ; 


N—cC 
Paes Ngee 


Protein molecules are built up by condensation (elimination of water) between amino 
acids: 
Wea. Onto MOH HO 
jesreda Sep (tates pas Pe |e a || 
—N—CG—C—N-—C—C-—N-C—C— 


a R 


The section of chain shown here contains three amino acid units (‘R’ stands for some 
unspecified organic group). An actual protein may contain thousands of such units. 

When we eat proteins (as in meat, for example), the protein molecules are 
hydrolysed into their separate amino acids by enzymes in the digestive system. These 
amino acids are then used by the body for replenishing its own protein. The 
condensation of the amino acids in the correct order to synthesise bodily protein is 
controlled by the nucleic acids such as DNA (deoxyribonucleic acid). 

Some of the amino acids from the protein in food are not used in building up new 
protein, but are simply oxidised to obtain energy, just as carbohydrate is oxidised. In 
this case some'of the nitrogen from these amino acids is converted to carbamide (urea), 


NH, 
o=o 
NH, 


which is excreted in the urine. 

Where does the nitrogen in proteins come from? The answer is, of course, that 
ultimately it comes from the air, which is almost 80% nitrogen. The way in which this 
happens is considered in the next section. 


A simplified form of the nitrogen cycle is shown in Fig. 33.2. . 


Some plants which belong to the Leguminosae family, pod-bearing plants like peas 
and beans, can absorb atmospheric nitrogen directly through their roots. However, 
most plants must absorb nitrogen as nitrates from the soil. How do nitrates get into 
the soil? This happens naturally in two ways, as shown in Fig. 33.2. Firstly, death and 
decay of plants and animals (and also animal excretion) return nitrogen to the soil as 
ammonium salts. These undergo oxidation, with the aid of bacteria, to nitrates. 
Secondly, lightning flashes in thunderstorms cause partial combination of oxygen 
and nitrogen in the air to form nitrogen monoxide: 


N,(g) + O,(g) = 2NO(g) 


This undergoes further reaction with air to form nitrogen dioxide, NO,(g), which then 
dissolves in rain and, with further oxidation, forms nitric acid: 


4NO,(g) + O,(g) + 2H,O(1) + 4HNO,(aq) 
This reacts with minerals in the soil to form nitrates. 
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These natural processes, though once sufficient to maintain the nitrogen balance, 
are no longer sufficient because of the greatly increased demands of modern 
agriculture. Consequently, the nitrogen supply in the soil must now be supplemented 
by synthetic fertilisers. Modern fertilisers are obtained mainly from ammonia, 
manufactured by the Haber Process (33.9) and then converted to salts such as 
ammonium sulphate and ammonium nitrate. In this way the conversion of 
atmospheric nitrogen to nitrogen compounds in the soil enables us to keep pace with 
the rapid removal of nitrogen from the soil by intensive farming. 


As may be seen from the last section, we need food more than just as a source of 
energy. Carbohydrates provide energy, but nothing else. Proteins are essential, as 
they replace the protein used up in our bodies and also provide some energy. In 
addition we need various mineral compounds, such as those containing calcium and 
phosphorus, to build bones. We also need vitamins and many trace elements 
(elements in small quantities) such as iodine, iron, zinc, managanese and 
molybdenum. ‘ i ; 

Our bodies function by means of a multitude of chemical processes. If our diet does 
not contain the essential components mentioned above, some of these chemical 
processes will not occur properly. For example, haemoglobin, the red part of blood, 
can only be made if iron is present in our body. An adult only needs about 0.01 g of 
iron per day, but for this reason it is usual to add a small amount of an iron compound 
to flour before it is sold for making bread and cakes. The absence of iron from the diet 
leads to the disease called anaemia. y 

The substances which are needed by our body are called nutrients. 

The study of nutritional requirements is very important in the maintenance of 
health in the population. It is particularly important that in the modern large-scale 
food industry the processes used to prepare food do not result in a deficiency of any 
essential nutritional substances. If deficiencies are found, they must be made up by 


- addition of suitable synthetic materials. 


Food additives have been criticised by some people in recent years, but they are not 
necessarily a bad thing, indeed they may be essential to our health. The idea that 
‘chemical’ additives are in some way inferior to ‘natural’ substances is nonsense, and 
would seem to be a legacy of the ‘Vital Force’ theory of organic chemistry which was 
discredited over a century ago. Vitamin C is Vitamin G, whether it is obtained by 
eating oranges or made in a factory and bought as a solid in a bottle. 
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they are made by living cells, For example, 
developments in the use of biological organisms to produce medicines (a branch of 
biotechnology, offer tremendous possibilities in the fight against disease. It seems 
likely that it will be possible to produce antibodies and interferons on a large scale for 
the treatment of bacteria and viruses. 

One way of avoiding disease is to have an adequate and varied food supply. The 


necessary to control the growth of unwanted plants (weeds) among the crops. As 
mentioned in Chapter 10, fertilisers, which are a major product of the chemical 
industry, are used to improve the quality of the soil. 

Insects, weed’ and diseases in plants can in many cases be controlled by another 
group of products called Pesticides. Those pesticides which control insects are 
called insecticides and those which control weeds are called herbicides, 


in their manufacture. Clearly when using insecticides it is important to know if they 
also kill other insects, such as bees, which are not harmful to the Crops. It is also 
important to consider the efiect of the insecticide on the next Stage in the food chairr, 


Many herbicides are selective weed killers. It is possible, for example, to buy 
weedkillers which will kill the dandelions and clover in a lawn without harming the 
grass. In the same way, farmers can treat their crops with herbicides which will kill 
the weeds but not harm the crops. This selective activity is often related to the type of 


` leaf. The plants with broad leaves are killed and the narrow leaves of the/grass and 


wheat are unaffected. 

All pesticides must be handled with care, Particularly as some are. harmful to 
animals. The instructions Provided by the manufacturer must be followed carefully. 

Chemistry also plays a part in the next Stage of food production, that is, the stage 
between growing the crops őr animals and the food being sold in the shops. During 
this stage it may be Necessary to process the food, preserve it from decay, and store it. 
Food science aims to understand and improve the processes which occur during this 
stage. The decay of food is a series of chemical reactions which are catalysed (23.15) 
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About 1900 two processes for converting the nitrogen in the air into soluble nitrogen 
compounds were in use. They required too much energy and soon faded into the 
background when Fritz Haber, working in Karlsruhe, managed in 1908, at the end of 
four years work, to find the conditions necessary for nitrogen and hydrogen to 
combine directly to give a reasonable yield of ammonia. Although himself not skilled 
in making equipment, Haber designed, and had made, an apparatus which in 1909 
he was able to use to show that an acceptable yield of ammonia could be produced, 
The rights to the process were bought in that year by a large German chemical firm, 
Badische Anilin- und Soda-Fabrik (BASF). One of their brilliant chemical engineers, 
Carl Bosch, undertook the huge task of developing Haber’s experimental apparatus 
into a large manufacturing plant. 

The main problem which Bosch had to overcome was that Haber had suggested 
the use of high pressure, which meant that strong plant was required. A second 
problem was to find the best catalyst for the process to replace the expensive osmium 
which Haber had suggested and used. Bosch’s team eventually found that finely- 
divided iron, containing oxides of potassium, aluminium and calcium, gave the best 
results, and this catalystis still used today. They also found a cheap method of getting 
the large amounts of hydrogen needed by passing steam over red-hot coke (18.4). By 
1913 Bosch had a complete works operating at Oppau on the Rhine and was making 
30 tonnes of ammonia a day. By the end of 1915, with the Oppau plant having been 
enlarged and a second one built, the German works were fixing 180.000 tonnes of 
nitrogen a year (largely at that time for conversion to explosives for the German 
Army in the 1914~18 war). Haber was awarded the Nobel Prize for Chemistry in 
1918 and Bosch shared the prize in 1931. 


The reaction‘at the heart of the Haber Process for the manufacture of ammonia is 
represented by the equation: 


N,(g) + 3H,(g) = 2NH;,(g) 


As the equation shows, the reaction is reversible and the problem which Haber had to 
solve was to obtain a satisfactory yield at a cost low enough for the product to be cheap. 
It would be no good manufacturing ammonia at the price of gold; no one would be 
able to buy enough. A prime consideration is that the reaction has to be reasonably 
fast, and this means usinga catalyst and temperatures which, to the chemical engineer, 
are moderately high (about 500°C). 

Temperatures of this order create a problem. The reaction between nitrogen and 
hydrogen is exothermic and, according to Le Chatelier’s Principle (22.1 6), we could 
geta better yield at equilibrium by lowering the temperature. If we did this, however, 
the reaction would be far too slow and it would take much too long for equilibrium to 
be reached. So, we have to use moderately high temperatures. There still remains, 
however, one thing we can vary—the pressure. 

The reaction involves a decrease in the number of molecules of gas from 4 to 2. 
Thus from Avogadro’s Law (5.6) it follows that if the reaction were carried out at 
constant temperature, the volume of gas would decrease. Le Chatelier’s Principle 
then tells us that we can improve the equilibrium yield by carrying out the reaction at 
high pressure. This also gives the bonus of making the reaction faster, 

In the modern process a pressure of 200 atmospheres is used. As was mentioned 
earlier, this considerably increases the cost of the process, since the reaction vessels 
have to have thick walls to withstand this pressure (200 atmospheres is nearly $ tonne 
per.square centimetre). Considerable energy also has to be used in compressing the 
gases, but, even despite these factors, the process is still superior to the older ones as far 
as cost is concerned. 

A mixture of nitrogen and hydrogen, in the ratio of 1 volume to 3. volumes, 
produced by the action of steam ( 18.4) and then air on methane from fatural gas. 
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Fig. 33.5 A sack of 
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fertiliser. (Courtesy ICI 
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Fig. 33.6 The wheat in 
the centre has not been 
treated with the 
appropriate fertiliser. 
(Courtesy ICI Ltd 
Agricultural Division) 


TABLE 33.1 


After compression to 200 atmospheres, it is passed at 500°C over the iron catalyst, The . 


mixture of gases coming from the reaction vessel contains about 15% of ammonia. 
Asit is cooled, because it is at a high pressure, the ammonia liquefies and is run off. The 
unchanged mixture of nitrogen and hydrogen is recycled until it is all eventually 
converted to ammonia. The product is stored and transported as a liquid under 
pressure in specially-designed tanks. 


About 80% of ammonia manufactured by the Haber Process is used for making 
fertilisers. Ammonia is sometimes injected directly into the soil, but it is more usual to 
react it with acid to produce a solid salt, which is easy to store and transport. Thetwo 
most important ones are ammonium sulphate and ammonium nitrate (sold as 
Nitram), both containing high proportions of nitrogen (21% in the sulphate and 35% 
in the nitrate), These two fertilisers are made by reacting ammonia gas with solutions 
of the appropriate acid, sulphuric for ammonium sulphate and nitric for ammonium 
nitrate. . 

The two most important elements, besides nitrogen, which need to be added to the 
soil by means of fertilisers are phosphorus (P) and potassium (K) (33.4). Most 
fertilisers are used either to add nitrogen (N) or to add all three elements, N, P and K. 
The mixed fertiliser usually contains ammonium nitrate, ammonium phosphate and 
potassium chloride in varying proportions. The percentage of N.P.K, is usually 
printed on the container. Exercise 22, p. 388, is concerned with working out N-P.K. 


values. F 


A fertiliser with appropriate N.P.K values is selected for a particular soil and crop. 
The selection must be done carefully, because clearly it would be wasteful to add more - 
ofan element than was necessary and also there is a possibility of polluting waterways if 
excessive quantities of fertilisers are washed into them by rain (10. 13). The 
composition of a soil can be found by analysis, but an indication that there is probably 
a shortage of a particular element can be obtained by recognising symptoms such as 


those in Table 33.1. 


MISSING ELEMENT SYMPTOM 


Nitrogen (N) Harsh fibrous leaves 


Grey leaves, stunted growth 


Phosphorus (P) 


Potassium (K) Premature death of leaves 
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Fig. 33.7 summarises the processes for making N.P.K fertiliser. A mixture of 
ammonium nitrate and ammonium phosphates is made by reacting ammonia gas witha 
mixture of nitric acid and phosphoric acid solutions: 


NH,(g) + HNO,(aq) > NH,NO,(aq) 


2NH,(g) + HsPO,(aq) > (NH,),HPO,(aq) 
phosphoric 
acid 


The proportion of nitrogen and phosphorus in the product which can be crystallised 
from the solution can be varied by varying the composition of the acid mixture. 

The mixture of ammonium nitrate and ammonium phosphate is then mixed with 
potassium chloride which is obtained from mineral deposits, 

Phosphoric acid is made from a mineral called rock phosphate (calcium phosphate, 
Ca3(PO,),) and the nitric acid is made from ammonia (34.4). 

The conversion of ammonia to nitric acid is its second major use. Other uses include 
the Solvay Process for making sodium carbonate (29.5), the manufacture of nylon and 
polyurethane, and the production of dyestuffs and explosives. 


Ammonia is a colourless gas with a distinctive pungent smell which can bring tears to 
the eyes if the concentration is high enough. It is less dense than air and is easily 
liquefied, either by applying pressure or by cooling to =33°C at atmospheric pressure. 
The gas is very soluble in water, one volume of water at room temperature dissolving 
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about 700 volumes of ammonia gas. Since its solubility is of the same order as that of 


hydrogen chloride, the Fountain Experiment (25.6) can be done with ammonia gas in 
the same way as with hydrogen chloride. The only difference is that with ammonia 
the beaker should contain red litmus solution rather than blue. This is because 
ammonia is the only common gas which is alkaline to moist litmus, and so the red 
litmus solution turns blue when it enters the flask of ammonia. 


Amongst the bottles of solutions in your laboratory, there is probably at least one 
labelled ‘Ammonium Hydroxide’. This is a widely-used reagent, particularly in 
analysis to find the identity of unknown compounds, so what is it and how is it made? 

If you remove the stopper from the bottle you will notice immediately that the 
solution smells of ammonia. If the solution is warmed with a piece of red litmus 
paper above it the paper turns blue, showing that ammonia is being given off. 
Evaporation to dryness leaves no residue. Thus it seems that ammonium hydroxide 
solution is simply a solution of ammonia in water. 

There are, however, two bits of evidence to contradict this. Firstly, its ability to 
conduct electricity indicates that it is an electrolyte and must contain ions. However, it 
does not conduct as well as sodium hydroxide solution and must therefore contain 
fewer ions. Secondly, the pH of the solution is high (11.13), that is, the solution is 
alkaline, containing hydroxide ions (OH-). This suggests that as the ammonia 
dissolves it reacts to some extent with the water, producing hydroxide ions and 
therefore ammonium ions as well: 


NH;,(g) + H,O(l) = NHł (aq) + OH~(aq) 


The solution is probably an equilibrium mixture of the four things, free ammonia, free 
water, ammonium ions and hydroxide ions. It smells of ammonia because of the free 
ammonia, and it is alkaline because of the hydroxide ions which are present. There is 
much more free ammonia in the solution than ammonium ions, and this is why the 
electrical conductivity is small and why ammonium hydroxide is considered to be a 
weak alkali (11.14). A solution of sodium hydroxide of the same concentration 
would contain a greater concentration of hydroxide ions and is therefore classed as a 
strong alkali. 

Although NH;(aq) is a more accurate representation of ammonia solution than 
NH,OH (aq), it is sometimes more convenient to use the latter, The formula NH,OH 
is similar to the formulae of the common strong alkalis, such as sodium hydroxide 
(NaOH). Also its properties is aqueous solution show a clear resemblance to such 
alkalis. The reactions of aqueous ammonia show that it contains’ both hydroxide 
ions and free ammonia. In its reactions with acid and with solutions of metal salts, the 
hydroxide ions are reacting, while in its reaction with some metal hydroxides the free 
ammonia is showing its presence. 


1. Reaction of ammonia solution with acids 
Because of the presence of hydroxide ions, ammonia solution will react with acids just 
as any other alkali does. Neutralisation occurs and a salt is formed, 


e.g. NH,OH(aq) + HCl(aq) > NH,Cl(aq) + H,O(!) 
or NH;(aq) + HCl(aq) > NH,Cl(aq) 


Since the ammonium ion has a charge of + 1, ammonium salts have similar formulae 
to the corresponding sodium and potassium salts. Like them also, all common 


ammonium salts are soluble in water. 
You might think that since ammonia solution is a weak alkali, containing 
comparatively few hydroxide ions, it would only take a tiny bit of acid to neutralise it. 
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This is not so. The addition of acid removes hydroxide ions from the solution: 
H+(aq) + OH-(aq) > H,O(1) 


By Le Chatelier’s Principle, more ammonia molecules will react with water to form 
hydroxide ions to replace those lost in the reaction, 


NH,(aq) + H,O(l) + NHj(aq) + OH-(aq) 


and these immediately. combine with hydrogen ions from the acid to form more water. 
The process will continue until virtually all the ammonia has combined with the water 
and has been converted into ammonium ions. The resulting solution has no smell 
because all the ammonia has been converted into ions. 


2. Reactions of ammonia solution with solutions of metal salts 
Ammonia solution will, like sodium hydroxide solution, precipitate an insoluble metal 
hydroxide when added to a solution of a metal salt, 


eg. 3NH,OH(aq) + FeCl;(aq) —> Fe(OH),(s) + 3NH,Cl(aq) 
(compare this with: 
3NaOH(aq) + FeCl,(aq) —> Fe(OH),(s) + 3NaCl(aq) ) 


The hydroxide ions in the ammonia solution come together with the metal ions in the 
metal salt solution, forming the solid metal hydroxide: 


Fe*+(aq). + 30H-(aq) > Fe(OH),(s) 


Asin the reaction of ammonia solution with acids, all the dissolved ammonia takes part 
in the reaction, even though only a small part of it is initially ionised. 


3. Reactions of ammonia solution with some metal hydroxides 

If ammonia solution is added to a solution of copper(II) sulphate, a light blue 
precipitate of copper(II) hydroxide first forms, but this then dissolves as more of the 
ammonia solution is added, giving a deep blue solution. The latter contains complex 
ions, in which ammonia molecules from the ammonia solution have been joined by co- 
ordinate or dative covalent bonds to the copper(II) ions (15.5): 


Cu**(aq) + 4NH;(aq) > Cu(NH;),2*+(aq) 


The complexion is the tetraamminecopper(II) ion. Zinc hydroxide andsilver oxide will 
also dissolve in ammonia solution, forming complex ions. 


A solution of ammonium chloride does not smell of ammonia because the salt is 
completely ionic. Ifsodium hydroxide solution is added, however, there is a clear smell 
ofammonia and, ifthe mixture is heated, ammonia gas is given off: 


NH,Cl(aq) + NaOH (aq) > NaCl(aq) + H,O(1) + NH,(g) 


The same thing will happen,when any ammonium salt is warmed with any strong 
alkali and it follows that this can be the basis of the test for an ammonium salt (or 
the ammonium ion). The test simply consists of warming the compound with sodium 
hydroxide solution. An ammonium salt will give ammonia gas which can be 
identified by its smell and by its ability to turn moist red litmus paper blue. 

This behaviour can be explained by applying Le Chatelier’s Principle once again 
to the equilibrium represented by the equation: 


NH,(aq) + H,O(l) = NHj(aq) + OH-(aq) 


The sodium hydroxide solution brings along a large concentration of hydroxide ions 
and Le Chatelier’s Principle tells us that the equilibrium is disturbed in such a way that 
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the hydroxide ions are absorbed. This can only happen by the hydroxide ions 
combining with the ammonium ions in the ammonium chloride solution, forming 
more ammonia in the solution. When the mixture is heated, the ammonia becomes less 
soluble and some ofit is driven out as the gas. Again Le Chatelier’s Principle operates, 
the equilibrium being disturbed to produce more ammonia to replace that which has 
gone. Eventually, as more ammonia is driven off, the reaction will go to completion. 


The laboratory preparation of ammonia is based on the principle discussed in the 
previous section, the action of a strong alkali on an ammonium salt. A convenient 
ammonium salt to use is ammonium chloride. Because sodium and potassium 
hydroxides are deliquescent and therefore difficult to work with in the solid state, it is 
preferable to use, as the alkali, slaked lime (calcium hydroxide). Solid ammonium 
chloride and solid calcium hydroxide are thoroughly mixed and when the mixture is 
gently heated, ammonia is given off at a convenient rate: 


Ca(OH)9(s) + 2NH,Cl(s) > CaCl,(s) + 2NH,(g) + 2H,O (g) 


Ifdry ammonia gas is required, it must be dried with quicklime (calcium oxide). The 
dry gas is collected by upward delivery, since it is less dense than air. 

A suitable apparatus for the preparation and collection of the dry gas is shown in 
Fig. 33.8. 

The other drying agents which are normally used for drying gases will not work in 
this preparation. Concentrated sulphuric acid would absorb the ammonia, forming , 
ammonium sulphate, while anhydrous calcium chloride reacts with the gas, forming 
complex ions. ` 


Calcium 
oxide: 


Ammor 


1. Reaction with hydrogen chloride ‘ 

The reaction ofa solution of ammonia in water with acids has already been mentioned, 
but ammonia will also act as a base when it is alone. This is shown when a jar of dry 
ammonia is held mouth-to-mouth with a jar of dry hydrogen chloride. The two gases 
are colourless, but when they mix the jars are filled with a white ‘smoke’ consisting of 
solid particles of ammonium chloride: 


NH,(g) + HCl(g) — NH,Cl(s) 


If the jars are allowed to stand for a few minutes, the white solid settles to the bottom of 
the jars. 
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If some solid ammonium chloride is taken from the bottle in the laboratory and 
gently heated in a test-tube, the white smoke appears again and the solid seems 
to sublime, i.e. it vaporises, without melting to a liquid. On cooling the vapour 
condenses to reform the solid (known as the sublimate). Fig. 33.9 shows what 
happens in the test-tube. 


cooling to reform the original substance. In thermal decomposition the reaction is not 
reversible and no recombination of the products takes place. 


3 Oxidation of ammonia 
Ammonia 1n aqueous solution is not easily oxidised, even by a stron, oxidising agent 
, rong 
such as Otassium manganate(VII) solution, bnt the as itself ca: oxidised 1 
ey 
P gas itself can be dised in 


Wide glass 
tube 4) 


Glass wool 


Dry 


ammonia -+——— Oxygen 


Reaction with air 
Ammonia gas does not burn unaided in ordinary air. However, if the air is mixed 


with oxygen so that the percentage of ox i i is i 
i a ygen in the mixture is over 40 the ammonia 
burns with a yellow flame, This can be shown using the apparatus ‘in Fig. 33.10. 
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“Fig. 33.11 The catalytic 
oxidation of ammonia 


Under these conditions only the hydrogen ends up as an oxide, the nitrogen being set 

free: i 
4NH,(g) + 30,(g) > 2N,(g) + 6H,O(g) 

Reaction with hot copper(II) oxide 2: 

A similar reaction to that with oxygen-enriched air takes place when ammonia is 

passed over hot copper(II) oxide, Once again only the hydrogen becomes an oxide, the 

nitrogen being set free, but this time the oxygen to combine with the hydrogen is 

supplied by the copper(II) oxide which is reduced to copper: 


2NH,(g) + 3CuO(s) > 3Cu(s) + N,(g) + 3H,O(g) 
The black solid turns brown, The reaction is very similar to the action of hydrogen on 
hot copper(II) oxide: 
H,(g) + CuO(s) + Cu(s) + H,O(g) 
Catalytic oxidation 
Ifa mixture of ammonia and oxygen is passed over the surface of a piece of platinum, 
the oxygen combines with both elements in the ammonia, forming steam and nitrogen 


monoxide: 

4NH,(g) + 50,(g) > 4NO(g) + 6H,O(g) 
The reaction is highly exothermic, as can be shown by holding a coil of warm platinum 
wire above the surface of some concentrated ammonia solution with air being blown 


through a tube towards the coil (Fig. 33.11). 
The coil glows red hot and it may be possible to see brown fumes in the flask as the 


nitrogen monoxide combines with oxygen in the air, forming nitrogen dioxide: 
` 2NO(g) + O,(g) > 2NO,(g) 


This catalytic oxidation of ammonia is the essential step in the manufacture of nitric 
acid from ammonia (34.4). 


Oxygen—>- 


Coil of 
platinum wire 


Concentrated 
ammonia 
solution is 


1. Nitrogen, an element present in protein, plays a vital part in the life cycle. We need 
proteins in our diet, and these come from foods such as meat, fish and cheese. To 
keep pace with modern agriculture, nitrogen must be returned to the soil by means 
of artificial fertilisers such as ammonium nitrate made via the Haber Process. 

2. In the Haber Process for making ammonia, a mixture of nitrogen (1 volume) 
and hydrogen (3 volumes) at about 500°C and a pressure of about 200 atmospheres 


is passed over an iron catalyst. 
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. Ammonia can be oxidised by ox: i ; 7 PEES 
nogi intindide and ones ygen in the presence ofa platinum catalyst forming Investigation What are the properties of nitric acid? 
34.1 æ (a) Put about 2 cm? of sodium hydroxide solution in a test-tube and add 2 or 
3 drops of litmus solution. Then add dilute nitric acid, a few drops at a time, 
with shaking, until you see a definite change. 
(b) Put a very small portion of copper(II) oxide into a \test-tube and add 
about 3 cm? of dilute nitric acid. Warm the mixture gently and observe what 
happens. 
(c) Add about 3 cm? of dilute nitric acid to a small portion of copper(II) 
carbonate (or any other carbonate provided) in a test-tube. Observe what 
happens and pour the gas which is given off into a test-tube containing a 
little lime water. Close the tube of lime water with your thumb and shake it 
æ vigorously. 


Question 1 Onthe evidence of the first three parts of this investigation, in what ways 
does nitric acid behave as a typical acid? 


æ (d) For this investigation use each of the metals, magnesium, zinc, iron 
and copper. 
Place a small portion of one of the metals in a test-tube and add about 
3 cm? of dilute nitric acid. If it appears that no reaction is taking place, warm 
the acid gently (do not boil). Look for effervescence occurring, and if it does, 
test for hydrogen by holding a second test-tube mouth-to-mouth with the 
reaction tube and then opening it near a Bunsen flame. 
Also look for any colour in the vapour and very cautiously (by waving 
some of it towards you with your hand) smell it. 
æ Repeat the procedure with each of the other metals. 


Questions For each of the metals you have used: 
2 Does it appear to react with dilute nitric acid? 
3 If it does react, is hydrogen given off? 
4 What would happen if dilute hydrochloric acid or dilute sulphuric acid 


was added to this metal? 


Investigation How does nitric acid react with an iron(II) salt? 
34.2 æ Toafewerystals of iron(II) sulphate ina boiling-tube add about4 cm depth of 


dilute sulphuric acid and shake the mixture until the crystals dissolve. 

Pour a small portion of the solyition into a test-tube and then add dilute 
sodium hydroxide solution until an obvious change occurs. 

To the remaining solution in the boiling-tube add about 4 cm? of dilute 
nitric acid, Warm the mixture until a definite change takes place. Pour some 
of the resulting solution into a test-tube and add dilute sodium hydroxide 

æ solution until a definite change occurs. 
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Questi i i 
; ions 1 What did you see in the original iron(II) sulphate solu 


hydroxide solution was added? 
2 Which of the i in i i 

; TEE e ions present in iron(II) sulphate solution cause this 
3 What did you see when sodium h i i 

3 ydroxide solut 

mixture after warming with nitric acid? a 
4 What type of ion must therefore be 
warming with nitric acid? 


5 What type of change has resulted fr i i 
5 : z 
PRAAN n m warming the original solution 


34.4 A simple question to begin this chapter. What property do the following have in 
Manufacture of common: 
nitric acid trinitrotoluene, 
nitroglycerine, 
ammonium nitrate? 


tion when sodium 


If you are told that the first one is generally known as T.N.T., the second is a 
constituent of dynamite and the third a constituent of amatol, the answer should be 
obvious—they are all explosives. Examination of the names shows that they contain 
the word nitro, or the word nitrate. Thus one important use of nitric acid, the 
compound which we are going to consider first in this chapter, is in the manufacture of 
explosives. However, this only accounts for about 15%, of the nitric acid which is 
produced. By far the most important use (about 75 % ) is in the production of fertilisers. 
The main fertiliser which is made from nitric acid is ammonium nitrate. 


| l 


present in the reaction mixture after 


Investigati i 
ae tigation What happens to nitrates when they are heated? 
œ You will needa wooden splint, pieces of blue litmus paper and pieces offilter 


paper (or blotting paper) which can be soaked in acidifi i 
ic 
Mmanganate(VII) solution, a Potes 


Fig. 34.1 The use of 
explosives in a copper 

mine. (Courtesy RTZ 
Services Ltd). 


a 


Questions 
1 What gas is shown to be gi i i 
given off by its action on a glowi i 
a von colour are the fumes which are given off? E o Pin 
at proj i is indi i i 
SRA property of this coloured gas is indicated by its action on litmus 
4 What property of the coloured is indi i 
’ gas Is indicated b i idifi 
Potassium manganate(VII) solution? {eae p= 
5 What do you think the final solid residue was? 
œ (b) Repeat the procedure with other ni 
Š > F 
Magnesium nitrate and lead(Il) fee alts Selected from calcium nitrate, Nitric acid is made on the large scale by the oxidation of ammonia. If the oxidation 
eerie rate. 4 ied imply by burning ammonia in air which has been enriched with oxygen 
e Procedure using either sodi i i (33.15), only the hydrogen end ' er 
nt an soid va Leela til gh waren eee (33.15), only the hydrogen ends up as an oxide and the nitrogen is liberated: 
a ee ia ne pie flame, hold a glowing splint in the tube just U sail We 
ound, i : 
a ee eee aa K R eae elie rampou If, however, a mixture of ammonia gas and oxygen is passed over a suitable catalyst, 
; i; nd then a i ide į ; 
g erst Warm the tube gently so that some of the residue dissolves, Then ee a i 
te PARA of a very dilute acidified solution of potassium 4NH,(g) + 5O,(g) > 4NO(g) + 6H,O(g) 
| . z The catalyst for the oxidation, which has been known and used for a long time, is a finé 
Questions 


gauze made of an alloy of two transition elements, platinum and rhodium. This is 
expensive and, because of the considerable’heat evolved in the oxidation, which causes 
evaporation of the metals, the gauzes have to be replaced at comparatively frequent 
intervals. Modern plants tend to carry out the oxidation at a pressure of about 4 
atmospheres. Then the gaseous products of the oxidation are compressed to about 10 
atmospheres for the absorption process. In this process, air, water and the nitrogen 


monoxide are passed into the absorption tower, in which the nitrogen monoxide is 
` 


8 What property- of the solid residue is shown by 
potassium manganate(VII) solution? 


9 Would sodium oxide H ave reacted in this wa with acidified otassium 
V y a pi 


its action on acidified 
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34.5 
Laboratory 


preparation of 
nitric acid 


Fig. 34.2 The 
preparation of nitric acid 


joints 


oxidised by the oxygen in the air to nitrogen dioxide. This then reacts w 
more air to produce a solution of nitric acid: 


2NO(g) + O,(g) + 2NO,(g) 
4NO,(g) + 2H,O(l) + O,(g) > 4HNO,(aq) 


The nitric acid solution is concentrated by fractional distillation to 68 
which is the usual composition of concentrated nitric acid. 


ith water and 


WA concentration, 


In the preparation of pure nitric acid in t 
strong non-volatile acid will displace volati 
boils at 86°C and so it can be displaced fro; 
sulphuric acid which is much less volatile: 


he laboratory we use the principle that a 
le acids from their salts (22.12). Nitric acid 
m a nitrate by warming with concentrated 


Ground | 


Condenser Ground glass 


joints 


Concentrated 
sulphuric acid + 
Potassium nitrate 


Properties of 
nitric acid 


a consisting of unionised 
and gives out a great deal of heat: 


HNO,(l) + H,O(1) > O*(aq) + NO,-(aq) 
_ NO,- is the nitrate ion 
itis a good electrolyte in wa 


and, since the acid is almost fully ionised in dilute solution, 


ter. The presence of a high concentration of hydroxonium 
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34.7 ; 
Oxidation of 
metals by nitric 
acid 
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ions, H,O* (aq), (or H+ (aq)) makes the solution a strong acid and this is confirmed 
by its reactions. 


1. Reactions with bases 
Dilute nitric acid readily reacts with bases (the oxides and hydroxides of metals), 
forming the metal nitrate (a salt) and water. Since all common nitrates dissolve in 
water, any base will react with warm dilute nitric acid, forming a clear solution of salt, 


e.g. CuO(s) + 2HNO,(aq) > Cu(NO,),(aq) + H,O(1) 
NaOH (aq) + HNO,(aq) > NaNO,(aq) + H,0(1) 


The most important reaction of nitric acid with a base is its reaction with ammonia 
to form ammonium nitrate: 


NH,(g) + HNO,(aq) > NH,NO, (aq) 


The ammonium nitrate which is crystallised from the solution is used a8 a fertiliser 
(33.10) and as a component of some explosives. 


2. Reactions with carbonates 
Like almost all other acids, dilute nitric acid reacts with metal carbonates. Carbon 
dioxide is given off and a solution of the metal nitrate is formed, 


e.g. ZnCO,(s) + 2HNO,(aq) > Zn(NO,),(aq) + H,O(l) + CO,(g) 


Since all common nitrates dissolve in water there are no exceptions to this rule. 


3. Reactions with metals 
Comparing dilute nitric acid with dilute solutions of other acids, we would expect that 
it would react with any metal above hydrogen in the reactivity series (17.9), liberating 
hydrogen and forming a solution of the metal nitrate. If, however, the reactions of this 
acid with these metals below calcium are investigated, it is found that with only one 
metal, magnesium, will it react in this way, and this only when the acid is very dilute: 


Mg(s) + 2HNO,(aq) > Mg(NOs)2(aq) + H,(g) 


Other metals which are above hydrogen in the series do react with the dilute acid, 
but as the reaction proceeds, the space above the solution in the test-tube is often seen 
to contain fumes of a brown gas, nitrogen dioxide, The gas is also formed when some 
metals below hydrogen in the reactivity series react with the acid. The formation of 
nitrogen dioxide (NO,) indicates that the nitric acid is acting as an oxidising agent 
rather than as a typical acid. k tas 

The product which is formed from the nitric acid when it acts as an oxidising agent 
actually depends on the concentration of the acid and this is clearly illuscrated by its 
reactions with copper. 


If concentrated (68 °%,) nitric acid is added to copper, a lot of brown fumes of nitrogen 
dioxide are given off. Also the colourless or light yellow liquid rapidly turns blue- 
green as copper(II) ions are formed in the solution. In this reaction the nitric acid is 
reduced to nitrogen dioxide and the copper is oxidised to. copper(II) ions, forming a 
solution of copper(II) nitrate, 


Cu(s) + 4HNO,(aq) > Cu(NO,),(aq) + 2NO,(g) + 2H,O(1) 
68% 


It is interesting to compare this reaction with that which takes place between copper 
and concentrated sulphuric acid (27.26). 
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Passivity 


34.9 
Other oxidations 
by nitric acid 


3Cu(s) + 8HNO,(aq) > 3Cu(NO,),(aq) + 2NO(g) + 4H,0(1) 


However, some of the nitrogen monoxide combines with the oxygen in the air 


above the reaction mixture, forming brown fumes of nitrogen dioxide: 


2NO(g) + O,(g) + 2NO,(g) 
colourless brown 


When the gas is collected over water, the nitrogen dioxide dissolves and 


t only nitrogen 
monoxide goes through the water to be collected. 4 : 


While the reactions between nitric acid and metals are therefore complicated, it is 
possible to produce a short summary of what happens: - 


1. with concentrated nitric acid the reduction product is often nitrogen dioxide, 
particularly with the less reactive metals; i 
2. with dilute nitricacid the reduction (ifit takes place at all) always goes further than 
with the concentrated acid, yielding products such as nitrogen monoxide (NO), 


RES oxide (N,O), or even ammonia, the latter being formed by more reactive 
metals. 


The reactions of both concentrated and dilute nitric acid with metals indicate that 
nitric acid is a powerful oxidising agent and is therefore likely to oxidise the substances 
which usually react with such a reagent. 

1. Reactions with iron(II) compounds 
Ifa few drops of concentrated nitric acid are added toa pale green solution of iron(II) 
sulphate in dilute sulphuric acid, the mixture becomes very dark brown in colour. On 
warming, brown fumes are evolved. This shows that the nitric acid is being reduced 
and is therefore acting as an oxidising agent. The colour of the solution suddenly 
changes to the yellow or orange colour of a solution of an iron (III) salt: 


TeSO,(aq) + 3H,SO,(aq) + 2HNO,(aq) > 3Fe,(SO,),(aq) + 2NO(g) + H,0() 
The dark brown colour formed at first is caused by the combination 
monoxide with iron (II) ions to form complex ions: 

Fe*+(aq) + NO(g) > Fe(NO)?+(aq) 

pale green dark brown 


of nitrogen 


These dissociate on heating releasing nitrogen monoxide gas. The formation of these 
complex ions also takes place in the brown ring test for nitrates (34.12) and is 
responsible for the brown ring which gives the test its name. . 
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34.10 
Oxides of 
nitrogen 
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2. Reactions with sulphur and its compounds 
If concentrated nitric acid is diluted with about half its own volume of water and 
hydrogen sulphide is bubbled through ig, a dense precipitate of sulphur is formed and 
brown fumes are given off: 


H,S(g) + 2HNO,(aq) > S(s) + 2NO,(g) + 2H,O(I) 
50% 


The nitrogen dioxide is formed by the reduction of the nitric acid and the sulphur is 
the usual product formed when hydrogen sulphide is oxidised. 

If concentrated nitric acid is used, very little sulphur is formed as the hydrogen 
sulphide is oxidised a stage further to sulphate ions, thus making a solution ofsulphuric 
acid: 


H,S(g) + 8HNO,(aq) > H,SO,(aq) + 8NO,(g) + 4H,O(1) 


The concentrated acid is thus a more powerful oxidising agent than the more dilute 
acid. 

The element sulphur and the gas sulphur dioxide can both be oxidised in the same 
way to sulphate ions by concentrated nitric acid. 


Nitrogen dioxide 
In the reactions of nitric acid described above, different oxides of nitrogen appear as 
reduction products. Nitrogen forms several oxides, but only the three most common 
ones are to be mentioned here. 

Nitrogen dioxide, which has the formula NO,, is the poisonous brown gas which is 
formed when copper reacts with concentrated nitric acid (34.7) or when lead (II) 
nitrate is heated (34.13). It is denser than air and has a pungent smell, rather similar to 
that of chlorine. 

The brown gas actually contains an. equilibrium mixture of molecules of nitrogen 
dioxide, which is brown, and dinitrogen tetroxide (N,O,), which is colourless (22.15): 

2NO,(g) = N,0,(g) 
brown colourless 

Nitrogen dioxide turns moist blue litmus paper red and it decolourises paper soaked 
in an acidified solution of potassium manganate(VII). These changes take place 
because the gas is very soluble in water, forming a colourless solution which is both 
acidic and a reducing agent. As it dissolves in the water, nitrogen dioxide reacts with it, 
producing a mixture of two acids, nitric acid and nitrous acid: 

2NO,(g) + H,O(l) > HNO,(aq) + HNO,(aq) 
nitric nitrous 
acid acid 


and it is because of this that the gas is sometimes referred to as a mixed anhydride. 
The nitrous acid (HNO,) is responsible for the reducing property of the solution: 


HNO,(aq) + [O] — HNO,(aq) 


Nitrogen dioxide will not support the confbustion of a wooden splint, but, like many 
gaseous oxides, it will allow magnesium ribbon to continue burning in it. When the 
flame is extinguished, the colour of the gas has disappeared; 


4Mg(s) + 2NO,(g) > 4MgO(s) + N,(g) 
The brown nitrogen dioxide has been reduced to colourless nitrogen. 
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` Nitrogen monoxide 
Nitrogen monoxide, formerly known as nitric oxide, was first obtained by J. B. van 
Helmont in 1620, but was more carefully studied by Joseph Priestley in 1772. It is still 
prepared by the method which Priestley used, the action ofa mixture of equal volumes 
of water and concentrated nitric acid on copper: 


3Cu(s) + 8HNO,(aq) > 3Cu(NO,),(aq) + 4H,O(1) + 2NO(g) 


It is a colourless gas and has approximately the same density as air. The gas has one 
notable property which influences its others to an extent which makes a study of them 
difficult. When exposed to the air, it immediately combines with the oxygen, forming 
brown nitrogen dioxide: 3 


2NO(g) + O.(g) > 2NO,(g) 


Air therefore has to be excluded from the gas if its properties are to be investigated. 
; Nitrogen monoxide is almost insoluble in water and since, like carbon monoxide, it 
does not react with water to form an acid, it is considered to be a neutral oxide. 
Collection of the gas over water will therefore free it from nitrogen dioxide which may 
have been formed at the same time and which is soluble in the water. 
As is the case with nitrogen dioxide, nitrogen monoxide does not allow a burning 
splint to continue to burn in it. However, it does support the combustion of burning 
magnesium ribbon, which is oxidised to its oxide while the gas is reduced to nitrogen: 


2Mg(s) + 2NO(g) > 2MgO(s) + N,(g) 


Dinitrogen oxide 

Dinitrogen oxide (N,O) is the gas formerly known as nitrous oxide and was also 
discovered in 1772 by the Yorkshire minister, Joseph Priestley. It was another famous 
chemist, Sir Humphry Davy, who about 1799 carried out a thorough investigation of 
the properties of dinitrogen oxide and discovered that it has anaesthetic properties. 


Fig. 34.3 A mixture of 
dinitrogen oxide and 
oxygen being used as an 
anaesthetic in an in 
theatre. (Courtesy British 
Oxygen Company Ltd) 


34.13 
Action of heat 
on nitrates 
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This led to the extensive use of the gas in surgical operations of short duration, e.g.in . 
dentistry, in which it is administered mixed with oxygen, the pure gas being 
poisonous. Because of the effect it sometimes has on patients first feeling its effects or 
on regaining consciousness after its use, it is generally known as laughing gas. 

The gas is produced on the industrial scale in the same way as in the laboratory, by 
the action of heat on ammonium nitrate: 


NH,NO,(s) > N,O(g) + 2H,0(8) 


It is a colourless gas with a sweet smel] and is denser than air. It has an appreciable 
solubility in water, but its solution is neutral. Because of its solubility, when it is 
prepared by heating ammonium nitrate, it has to be collected over warm water. 

Dinitrogen oxide will support the combustion of a wood splint and, indeed, it may, 
like oxygen, rekindle one which is brightly glowing. There is, however, little chance of 
confusing the two gases because of the smell and solubility of dinitrogen oxide and 
because of the fact that there are very few reactions in which this oxide of nitrogen is 
released. 


Nitrates are salts derived from nitric acid and containing the nitrate ion (NO,-). They. 
are all solids and are all soluble in water. 
They give off nitric acid vapour when warmed with concentrated sulphuric acid, 


eg. KNO,(s) + H,SO,(1) > KHSO,(s) + HNO,(g) 


. Some of the vapour is decomposed by heat to nitrogen dioxide and hence slight 
brown fumes will be seen. The evolution of brown fumes can be increased by the 
addition of two or three copper turnings which are readily oxidised by the nitric acid: 


Cu(s) + 4HNO,(aq) > Cu(NO,).(aq) + 2NO,(g) + 2H,O(1) 


Since all nitrates are soluble in water, the nitrate ion cannot be detected by a 
precipitation test, like a sulphate or a chloride, and so an unusual test, making use of 
the reaction between nitric acid and iron(II) ions, has to be used. A few crystals of 
iron(II) sulphate are dissolved in dilute sulphuric acid and a solution of the suspected 
nitrate is added. The tube is held at 45° and concentrated sulphuric acid is carefully 
poured down the side so that it forms a dense layer beneath the aqueoussolutions. Ifa 
brown ring is seen at the boundary between the two layers (increased by gentle tapping 
of the tube, or sometimes by cooling it), the presence of the nitrate ion is confirmed. 
. The nitrate ions react with the concentrated sulphuric acid at the boundary, 
forming nitric acid: i 

H,SO,(1) + NO,-(aq) > HNO; (aq) + HSO, (aq) 


This then reacts with the iron(II) ions, as described earlier (34.9), giving a brown 
colouration due to the formation of the complex ion Fe(NO)?+(aq). 

A test which avoids the use of concentrated acid involves adding Devarda’s alloy (an 
alloy of aluminium, zinc and copper) to an alkaline solution ofa nitrate. The nitrate is 
reduced to ammonia. The distinctive smell of ammonia gas indicates the presence of a 
nitrate. 


All nitrates are decomposed by the action of heat. They can be divided into three 
groups by their behaviour on heating. The first group consists of those which 
decompose to the metal oxide, nitrogen dioxide and oxygen. This class contains 
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Fig: 34.4 The thermal 
decomposition of nitric 
acid 


all nitrates except sodium, potassium and ammonium nitrates, and includes 


‘concentrated nitric acid itself which breaks down on heati Fig. 34 i sels 
water, nitrogen dioxide and oxygen: Pae 2ta) — Nic 
4HNO;,(aq) > 2H,O(1) + 4NO,(g) + O,(g) 
Concentrated 
nitric acid 
in Colourless 
tube 34.15 
The oxidation 
states of 
nitrogen 
Calcium, magnesium aluminium, zinc iron(III) i i 
$ i nium, 3 and copper(II) nitrates in this class 
= hydrated, and decomposition does not take place until the water of iaon 
as 538 driven off. Lead(II) nitrate differs in being anhydrous and, on heating, the 
one s start to decompose before the melting point is reached, flying apart with a Bes Be ao 
sharp crackling noise. This behaviour is called decrepitation: ae cand 
nitrogen 
2Pb(NO;)0(s) > 2PbO(s) + 4NO,(g) + O,(g) X 
The second group contains sodium nitrate ssi i 
1 and potassium nitrate, As these are 
be of very reactive metals, they are decomposed to a lesser extent a the 
rst group of nitrates. Both nitrates are anhydrous and have to be heated to a high 
temperature before they melt and then show a steady effervescence, evolving only 34.16 
oxygen. The residue is a nitrite which is a salt of nitrous acid, Summary 


e.g. 2KNO,(s) > 2KNO,(s) + O,(g) 

me third group contains only ammonium nitrate. When the anhydrous solid is 
eated, steam is given off, together with a sweet-smelling gas which can be collected 

over warm water. The gas them may rekindle a brightly-glowing wooden splint. 


When decomposition’ leaves onl. 1 i i 
n y a small amount of the solid, a small 
take place. The gas produced is dinitrogen oxide: eo 


NH,NO,(s) > N,O(g) + 2H,O(g) 


Since all metal nitrates break down giving oxygen, they are all oxidising 


the combustion of other substances. 
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Nitrites are salts of the nitrous acid which is one of the products formed when nitrogen 
dioxide is dissolved in water. Sodium and potassium nitrites are the only two to exist in 
the solid state and they are best prepared by hea ting the corresponding nitrate (34.13). 

Nitrites can act as reducing agents because they can be oxidised to nitrates. This 
means that they will decolourise an acidified solution of potassium manganate (VII). 

What is surprising is that they can also act as oxidising agents because they can be 
reduced to nitrogen monoxide. This means that when a nitrite is added to an acidified : 
solution of potassium iodide, the mixture turns black as iodine is formed. 


Ammonium nitrite behaves on heating in a similar manner to ammonium nitrate 
(34.13). This compound is too unstable to be able to exist in the solid state in a bottle on 
the laboratory shelf, but it can be made on the spot by mixing together ammonium 
chloride and sodium nitrite in a little water. This mixture contains both ammonium 
ions (NH,*) and nitrite ions (NO,~) and therefore behaves as ammonium nitrite. 
On warming the solution effervesces, producing nitrogen: 


NH,*(aq) + NO,-(aq) > N,(g) + 2H,O(g) 


This reaction provides a simple laboratory method of preparing a sample of nitrogen, 
the gas then being collected over water in the usual way. 


A large number of nitrogen compounds have been mentioned in this chapter and it 
may be helpful to explore the relationships between them in Table 34.1. 


OXIDATION: 


OXIDATION STATE 
OF NITROGEN 


Oxides 


Acids 


Salts 


Ions 


If you dissolve nitrogen dioxide (NO, ) in water, a mixture of the two acids is formed. 
As with sulphur (27.2), the higher the oxidation number, the stronger the acid. 


1. Nitric acid is manufactured by the catalytic oxidation of ammonia. It is used in the 
manufacture of explosives. 

2. Nitric acid may be prepared by heating a nitrate with concentrated sulphuric acid. 

3. Nitric acid, especially when concentrated, is a powerful oxidising agent. It oxidises 

most metals, iron(II) salts, and sulphur and some ofits compounds. The nitric acid is 

reduced usually to oxides of nitrogen. 

4. A number of oxides of nitrogen are known, all being somewhat unstable. The most 

common ones are nitrogen dioxide (which is a brown gas), nitrogen monoxide 

(which reacts with oxygen in air to form brown nitrogen dioxide) and dinitrogen 

oxide (commonly called laughing gas). 

All nitrates are soluble in water and may be detected by the brown ring test and the 

Devarda’s alloy test. They are all decomposed by heat, most of them yielding 

nitrogen dioxide and oxygen. Sodium and potassium nitrates evolve only oxygen 

and ammonium nitrate produces dinitrogen oxide. 

. Nitrites are the salts of the unstable acid, nitrous acid, and are both oxidising and 
reducing agents. 
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ap aaa Emits 
| & <í 
Fala] 
s 
r [e oN 
The elements 8 SSE heed, 8 
Relative Relative I GH Eat 
Atomic Atomic Atomic Atomic Eo nels 
Name Symbol Number Mass Name Symbol Number Mass ROSS 
Hydrogen H 1 1-008 Iodine I 53 126-9 
Helium He 2 4-003 Xenon Xe 54 131:3 bot ee | 
Lithium Li 3 6-941 Caesium Cs 55 132-9 a 7 A 5 
Beryllium Be 4 9-012 Barium Ba 56 137-3 
ron B S 10:81 Lanthanum La 57 138-9 PE Ea] 
Carbon C 6 12-01 Cerium Ce 58 140-1 on no 
Nitrogen N 7 14-01 Praseodymium Pr 59 140-9 ro} Wo 
Oxygen O 8 16-00 Neodymium Nd 60 144-2 
Fluorine F 9 19-00 Promethium Pm 61 (145) Solo 
Neon Ne 10 20-18 Samarium Sm 62 150-4 Ao On 
Sodium Na 11 22-99 Europium Eu 63 152-0 
Magnesium Mg 12 24-31 Gadolinium Gd 64 157-3 (Pe E 
Aluminium Al 13 26-98 Terbium Tb 65 158-9 O10 ca 5 
Silicon Si 14 28-09 Dysprosium Dy 66 162-5 Fo 
Phosphorus P. 15 30-97 Holmium Ho 67 164-9 
Sulphur S 16 32.06 Erbium Er 68 167-3 FEER 
Chlorine cl 17 BA Thulium Tm 69 TH Oo | oo 
Argon Ar 18 9:95 Ytterbium Yb 70 g 
Poeun K 19 39-10 Lutetium Lu 71 175-0 | REE À 
Calcium Ca 20 40-08 Hafnium Hf 72 178-5 R 29 | Eo 
Scandium Sc 21 44-96 Tantalum Ta 73 180-9 i rF wo} <a 
Titanium Ti 22 47-90 Tungsten w 74 183-9 2 _—— 
Vanadium v 23 50:94 Rhenium Re 75 186-2 f Enl 39 
Chromium Cr 24 52-00 Osmium Os 76 190-2 £1 22/22] ges BO |E 
Manganese Mn 25 54-94 Iridium Ir 77 192.2 El;un|iaes 
Tron Fe 26 55-85 Platinum Pt 78 195-1 S 
Cobalt Co 27 58-93 Gold Au 79 197-0 eo a E E o Els 2 
Nickel Ni 28 58:70 Mercury Hg 80 200-6 DTSNI ESI ar ao 
Copper Cu 29 63-55 Thallium TÌ 81 204-4 2 
Zinc Zn 30 65-38 Lead Pb 82 207:2 k 
Gallium Ga 31 69-72 Bismuth Bis, 83 209-0 (a 
Germanium Ge 32 72:59 Polonium Po 84 (209) 
Arsenic As 33 74-92 Astatine At 85 (210) 
Selenium Se 34 78-96 Radon Rn 86 (222) 
Bromine Br 35 79-90 Francium Fr 87 (223) 
Krypton Kr 36 83-80 Radium Ra 88 (226) 
Rubidium Rb 37 85:47 Actinium Ac 89 (227) 
Strontium Sr 38 87-62 Thorium Th 90 232-0 
Yttrium Y 39 88-91 Protactinium Pa 91 (231) 
Zirconium Zr 40 91-22 Uranium U 92 238-0 
Niobium Nb 41 92-91 Neptunium Np 93 (237 
Molybdenum Mo 42 95-94 Plutonium Pu 94 (244) 
Technetium Te 43 (97) - Americium Am 95 (243) 
Ruthenium Ru 44 101-1 Curium Cm 96 (247) 
Rhodium Rh 45 102-9 Berkelium Bk 97 (247) v 
Palladium Pd 46 106-4 Californium Cf 98 (251) i 2 N 
Silver Ag 47 107-9 Einsteinium Es 99 (254) E 
Cadmium Cd 48 112-4 Fermium Fm 100 (257) 
Indium In 49 114-8 Mendelevium Md 101 (258) 3 a = 2 
Tin, Sn 50 118-7 Nobelium No 102 (259) S's 
Antimony Sb 51 121-8 Lawrencium Lr 103 (260) 4 o Nn nh 
Tellurium Te 52 127-6 Unnilquadium Ung 104 (261) a - N m X 9 IE 
Unnilpentium Unp 105 (262) Pa =] 
| H o sponad ä 
| É 6 
These values are scaled to the relative atomic mass of 2C= 12. Numbers in brackets are the mass numbers of the most stable isotopes. | 
Approximate relative atomic masses of selected elements are given in Table 1. 1 
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Name 


Aluminium Al 
Argon Ar 
Arsenic As 
Barium Ba 
Beryllium Be 
Boron B 
Bromine Br 
Calcium Ca 
Carbon | Cc 
Chlorine cl 
Chromium Cr 
Cobalt Co 
Copper Cu 
Fluorine F 
Gallium Ga 
Germanium Ge 
Gold Au 
Helium He 
Hydrogen H 
Iodine I 
Iron Fe 
Krypton Kr 
Lead Pb 
Lithium Li 
Magnesium Mg 
Manganese Mn 
Mercury Hg 
Neon Ne 
Nickel Ni 
Nitrogen N 
Oxygen o 
Phosphorus { P 
Platinum Pt 
Potassium K 
Rubidium Rb 
Scandium Sc 
Selenium Se 
Silicon Si 
Silver Ag 
Sodium Na 
Strontium Sr 
Sulphur { S’ 
Tin Sn 
Titanium Ti 
Uranium U 
Vanadium y 
Xenon Xe 


Zinc 


t(s) indicates sublimation point. 
*For most elements the listed derisity is at room temperature. For an elem 
the liquid at its boiling point, the second is that of the gas at s,t.p. 

@Atomic volume is the volume containin; 


boiling point. 


*Density 


Atomic Approx- Melti Gas Atomic 
number imate point/“' g dm™ volume 
relative cm‘ mol- 


13 27 660 7 2470 2-70 = 10-0 
18 40 -189 -186 1-40 1:78 28-5 
33 75 5 613(s) 5-72 z 13-1 
56 137-5 714 1640 3-51 = 39-1 
4 9 1280 2477 1-85 4-87 
5 11 2300 3930 2-34 =: 4.62 
35 80 7:2 58:8 3-12 2 25:6 
20 40 850 1487 1:54 = 26:0 
6 12 z 4000(s) 5 z 5:33 
> 3-51 ž 3-42 
17 35:5 -101 -34:7 1:56 3-17 22-8 
24 52 1890 2482 7:19 a 7-23 
27 59 1492 2900 8:90 z 6-62 
29 63-5 1083 2595 8-92 = 7:12 
9 19 -220 -188 111 1-70 17-1 
31 70 29:8 2400 591 z 118 
32 725 937 2830 5-35 z 13-6 
79 197 1063 2970 19:3 z 10:2 
2 4 -270 -269 0-147 0-357 27:2 
1 1 -259 -252 0:070 0:090 14-4 
53 127 114 184 4-93 = 25:7 
26 56 1535 3000 7:86 - 7-10 
36 84 -157 -152 2:16 3-74 38:8 
82 207 397 1744 11:3 > 18:3 
3 7 180 1330 0:53 13-1 
12 24 650 1110 1-74 14-0 
25 55 1240 2100 7-20 763 
80 200:5 -38:9 357 13-6 w 14-8 
10 20 -249 -246 1-20 0:902 16-8 
28 59 1453 2730 8-90 = 6:60 
7 14 -210 -196 0-808 1-25 173 
8 16 -218 -183 1-115 1-43 13-9 
15 31 442 280 1-82 ie 17-0 
400(s) 2:34 = 13-2 
78 195 1769 4530 21-4 = 9-12 
19 39 63-7 774 0:86 45:5 
37 85:5 38:9 688 1:53 z 559 
21 46 1540 2730 2-99 x 15-4 
34 79 217 685 481 = 16-4 
14 28 1410 2360 2:33 = 12-1 
47 108 961 9210 10-5 z 10-3 
11 23 97:8 890 0-97 z 23-7 
38 87-5 768 1380 2-62 = 33-4 
16 32 113 445 2.07 z 15:5 
119 445 1-96 n 16-4 
50 118-5 232 2270 7-28 = 16-3 
22 48 1675 3260 4.54 = 10-6 
92 238 1130 3820 19-1 = 12:5 
23 51 1900 3000 5-96 z 8:54 
54 131 =112 * . —108 3-52 5-86 373 


_ Stable allotrope at room temperature. 


(graphite) 
(diamond) 


(white) 
(red) 


(rhombic)$ 
(monoclinic) 


ent which is a gas at room temperature the first density listed is that of 


ig | mole of atoms. For an element which is a gas at room temperature this is given for the liquid at its 


Name 


Hydrogen fluoride 
ERNEA chloride 
Hydrogen bromide 
Hydrogen iodide 
Water 

Hydrogen sulphide 
Ammonia 

Methane 
Tetrachloromethane 
Carbon disulphide 
Carbon dioxide 
Carbon monoxide 
Nitrogen monoxide 
Dinitrogen monoxide 
Phosphorus(V) oxide 
Phosphorus trichloride 
Sulphur dioxide 
Sulphur trioxide 
Sulphuric acid 


Nitric acid 


Silicon dioxide 
Ethanol 


+ (s) indicates sublimation point. 


(dec) means that some decomposition oc 
* For compounds which are gases at normal temperatur 
of the gas at s.t.p. For other compounds the density 


temperature. 


Table 3 Physical properties of selected compounds which contain a metal 


Name 


Potassium fluoride 
Lithium chloride 
Sodium chloride 
Potassium chloride 
Potassium bromide 
Potassium iodide 
Sodium hydroxide 
Potassium hydroxide 


Magnesium chloride* 


Calcium chloride* 
Magnesium oxide 
Calcium oxide 
Aluminium oxide 
Iron(III) oxide 
Calcium hydroxide 
Calcium carbonate 
Sodium nitrate 
Sodium sulphate* 


Sodium carbonate* 


* Anhydrous 


Hae Vaia given for the boiling points are approximate. 


Formula 


Melting tBoilin; 
point/°C point’! 


Melting 
point/°C 


liquid 


360(s) 239 
76 1-58 


45) 2-75, 
ca317 -1-83 


ca.86 1-52 


v.high 266 
78 079 


rs at the boiling point. age 
al ratures the listed density is that 
given is that at room 


tłBoiling 
point/°C 


that some decomposition occurs before the melting or boiling 


Density* 
solid or 


|g cm 


gas 
|g dm= 


' Density 
Ig cm~* 


\ 
point is reached. 


Se 


Exercises 


These exercises are included to provide you with opportuniti 
build up your confidence in mastering the ARTERA SBi of 
chemistry. Many of the individual steps in problems are not 
difficult in themselves, However, to use several steps to solve what 
would be a realistic problem for a chemist to tackle might be a bit 
daunting at first. If you become competent and confident about 
the individual steps, you will be better prepared. to tackle the 
problems found in the examination questions later in this book. 

„The number of the Section of the main text which will help you 
with each exercise is given in brackets at the beginning of the 
exercise. For some problems you will need to refer to Table 1 in the 
Data Section, in-particular when you need to use approximate 
, values for relative atomic masses. The answers to all of the odd- 
numbered questions are given on p. 408. 


Exercise 1 (4.10) 


Calculate the mass, in grams, of: 
1. 1 mole of sodium atoms 
2. 1'mole of sulphur atoms 
3. 2 moles of calcium atoms 
4. 3 moles of magnesium atoms 
5, 1-5 moles of carbon atoms 
_ 6. 0-5 moles of iron atoms 
7. 0-75 moles of oxygen atoms 
8. 2-5 moles of nitrogen atoms 
9. 0-2 moles of aluminium atoms 
10. 0-1 moles of iodine atoms 


Exercise 2 (4.10) 


Calcufate the number of moles of atoms in: 
1. 46 g of sodium 
2. 48 g of carbon 
3. 120 g of bromine 
4. 100g of calcium ` 
5. 30 g of magnesium 
6.. 40 g of oxygen 
7. 5-6 g of iron 

8. 2-07 g of lead 

9. 2:16 g of silver 

10. 0-48 g of sulphur 


Exercise 3 (4.11) 


Calculate the empirical formula of each 
these sets of experimental results. Se ee ee 


f 1. 3 g of carbon combine with 8 g of oxygen. 
2. 4 g of sulphur combine with 4 g of oxygen. 
3. A hyd: i 
oo contains 3g of carbon for every 1g of 
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4. A hydrocarbon contains 9g of carbon for every 2g of 
hydrogen. 
5. 0-446 g of an oxide of lead contains 0:414 g of lead. 
. 0-71 g of an oxide of copper contains 0-63 g of copper. 
7. A compound contained 39% by mass of sodium and 61% 
chlorine. a 
8. A compound'contained 13% by mass of magnesium and 87% 
bromine. i 
9. A compound was found to have the following composition by 
mass: magnesium 29% , carbon 14% , and oxygen 57%. 
10. A compound was found to have the following composition by 
mass: carbon 52% , hydrogen 13%, oxygen 35%. 


a 


Exercise 4 (7.6) 


Using the information in Tabl i a 
nga Teny n in Tables 7.2 and 7.3, predict the formula 


1. Sodium bromide 
2. Potassium iodide 
3. Copper(II) oxide 
4. Calcium oxide 
5. Sodium nitrate 
6. Copper(II) sulphate 
7. Magnesium chloride 
8. Potassium oxide 
9. Calcium hydroxide 
10. Zinc nitrate 
11. Iron(III) oxide 
12. Aluminium sulphate 
13. Iron(II) sulphate 
14. Iron(III) sulphate 
15. Ammonium chloridé 
16. Ammonium sulphate 
17. Sodium carbonate 
18. Sodium sulphate 
19. Sodium hydrogencarbonate 
20. Potassium hydrogensulphate 


Exercise 5 (7.7) 


Calculate the mass of: 
1. 2 moles of oxygen molecules (O,) 
2. 4 moles of nitrogen molecules (N,) 
3. 2:5 moles of hydrogen molecules (H3) 
4. 1-5 moles of bromine molecules (Br,) 
5. 1 mole of sodium sulphate (Na,SO,) 
6. 0-5 moles of calcium bromide (CaBr,) 
7. 01 moles of magnesium hydroxide (Mg(OH),) 
8. 1-5 moles of zinc nitrate (Zn(NO).) ; 
9. 2 moles of aluminium oxide (Al,0,) 
10. 3 moles of iron(III) sulphate (Fe, (SO,),) 


ae NaS aeth 


Exercise 6 (7.7) 


Calculate the number of moles of: 
1. molecules of oxygen (O,) in 64 g 
2. molecules of bromine (Br,) in 120 g 
3. carbon dioxide (CO,) in 11 g 
4. water (H,O) in9 g 
5. sodium hydroxide (NaOH) in 120 g 
6. calcium carbonate (CaCO,) in 250 g 
7. magnesium chloride (MgCl,) in 9-5 g 
8. potassium oxide (K,O) in 1-98 g 
9. calcium hydroxide (Ca(OH),) in 148 g 
10. lead(I1) nitrate (Pb(NO,).) in 3-31 g 


Exercises 7 (7.9) 


As a first step in working out the equation for a reaction, the 
masses of the two substances involved in the reaction can be used 
to calculate the simplest whole-number mole ratio of the two 
substances. 

1. Calculate the number of moles of sulphur atoms combining 
with one mole of iron atoms from the experimental result that 
2:8 g of iron combines with 1-6 g of sulphur. 

2. Calculate the number of moles of magnesium atoms combin- 
ing with one mole of oxygen molecules (O,) from the result 
that 6 g of magnesium combines with 4 g of oxygen. 

3. Calculate the mole ratio of iron atoms and chlorine molecules 

(Cl,) reacting together, from the information that 1-4 g of iron 

combines with 2:7 g of chlorine. $ 

Calculate the, mole ratio of tin atoms and chlorine molecules 

(Cl,) reacting together, from the information that 2-3 g of tin 

combines with 2-7 g of chlorine. 

5. Calculate the number of moles of ethanoic acid (C,H,O,) 
reacting with one mole of sodium hydrogencarbonate 
(NaHCO,) from the following data: a solution containing 
0-19 gof ethanoic acid reacts completely with 0-27 g of sodium 
hydrogencarbonate. 

6. Calculate the number of moles of hydrochloric acid (HCl) 
reacting with one mole of strontium carbonate (SrCO,) from 
the following data: a solution containing 1-4 g of hydrochloric 
acid reacts completely with 2-9 g of strontium carbonate. 


4. 


Exercise 8 (10.19) 


Use the following results to calculate the number of moles of water 

of crystallisation, to the nearest whole number, combined with 

1 mole of each of the salts. 

1. On heating 4-5 g of hydrated barium chloride, 3:8 g of the 
anhydrous salt (BaCl,) were obtained. 

2. 40 g of hydrated sodium carbonate were found to contain 
1-5 g of the anhydrous compound (Na,CO,). 

3. 5:6 g of hydrated copper(II) sulphate contained 3-6 g of the 
anhydrous compound (CuSO, ). 

4. 6-4 g of crystals of hydrated mi sium sulphate contained 
3-1 g of the anhydrous compount MgSO,). 

5. 48g of sodium sulphate crystals contained 2:1 g of the 
anhydrous compound (Na,SO,). 


-= 6. 3-9 gof zinc sul; hate crystals contained 2-2 g of the anhydrous 


compound (ZnSO, ). 
Exercise 9 (7.12) 


When the equation for a reaction is known, it can be used to 
f one substance which will react with a ¢ertain 


predict the mass of i 
mass of another, also the mass of a product formed from, a certain 


mass of reactant. 
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1. What mass of sulphur dioxide would be formed by burning 
96 g of sulphur in oxygen? 

S(s) + O,(g) + SO2(8) 

2. What mass of iron would be formed if 40 g of iron(IIT) oxide 

were completely reduced to the metal? 

Fe,O,(s) + 3CO(g) > 2Fe(s) + 3CO,(g) 

What mass of calcium oxide is formed when 1000 kg of 

calcium carbonate are completely decomposed by heat? 

CaCO, (s) + CaO(s) + CO,(g) 

4. What mass of sodium carbonate is formed when 1680 kg of 

sodium hydrogencarbonate are heated?- 
2NaHCO,(s) + NayCO,(s) + H,O(g) + CO,(g) 

5. What mass of calcium hydroxide will be required to react 
completely with a solution containing 14-6 g of hydrochloric 
acid? 

Ca(OH), (s) + 2HCI(aq) > CaCl, (aq) + 2H,0(1) 

6. What mass of sodium carbonate would need to be added to a 
solution containing 7:0 g of calcium sulphate to completely 
convert it to calcium carbonate? 

Na,CO,(s) + CaSO, (aq) > CaCO,(s) + Na,SO, (aq) 

7. 2:8 gof barium sulphate precipitate was formed by adding an 
excess of sulphuric acid to a solution of barium chloride. 
What mass of barium chloride must have been in the original 
solution? 

BaCl, (aq) + H,SO, (aq) > BaSO, (s) + 2HCl(aq) 

8. 2-25 g of a precipitate of lead (11) chromate (VI) was formed 
when excess potassium chromate(VI) solution was added to a 
solution containing lead(II) nitrate. Calculate the mass of 
lead(II) nitrate which must have been in the original 
solution. 


Pb(NO,) (aq) +K,CrO, (aq) + PbCrO, (s) +2KNO, (aq) 
9. Calculate the mass of ammonium nitrate fertiliser which 
could be formed from 34 tonnes of ammonia. 
NH, (g) + HNO, (aq) + NH,NO,(aq) 


10. Galculate the mass of ammonium phosphate fertiliser which 
could be produced from 51 tonnes of ammonia. 


2NH; (g) + HPO, (aq) + (NH,),HPO, (aq) 


3. 


Exercise 10 (7.13) 


Using the fact that | mole of the molecules of any gas will occupy 
approximately 24 dm? at room temperature and pressure, it is 
possible to predict the volumes of gases involved in reactions. 

1. Calculate the volume of oxygen, measured at room temper- 
ature and pressure, which will be used up when 9:6 gof sulphur 
are completely converted to sulphur dioxide. 

S(s) + O2(g) + SOa(8) 

2. Calculate the volume of chlorine, measured at room temper- 
ature and pressure, which will be used up when 11-2 g of iron 
are converted to iron(II1) chloride. 

2Fe(s) + 3Cly(g) + 2FeCl; (s) 

3. Calculate the volume of carbon dioxide, measured at room 
temperature and pressure, which will be produced by decom- 
posing 500 kg of calcium carbonate. 

CaCO, (s) + CaO(s) + CO, (8) 


bon dioxide, measured at room 


4. Calculate the volume of carl u 
lecomposing 252 kg of 


temperature and pressure, formed by d 
sodium hydrogencarbonate. 
2NaHCO, (s) + Na,CO;(s) + CO, (g) + H,O(!) 


5. Calculate the volume of ammonia, measured at room temper- 
ature and pressure, which could be formed from 10-7 g of 
ammonium chloride by reacting it with calcium hydroxide. 

2NH, Cl(s) + Ca(OH), (s) + CaCl, (s) + 2NH; (g) 
+ 2H,O(1) 
6. What volume of oxygen, measured at room temperature and 


pressure, could be formed by completely decomposing a 
solution which contained 3-4 g of hydrogen peroxide. 


2H, 0, (aq) > 2H,0(1) + O,(g) 
Exercise 11 (7.9) 


Calculate the molarity of solutions containing: 
1. 80 g of sodium hydroxide (NaOH) in 1 dm? of solution 
2. 9.8 g of sulphuric acid (H,SO,) in 1 dm? of solution 
3. 4-9 g of sulphuric acid (H,SO,) in 250 cm? of solution 
4. 2 g of sodium hydroxide (NaOH) in 500 cm? of solution 
5. 14 g of potassium hydroxide (KOH) in 2 dm? of solution 
6, 33-2 g of potassium iodide in 4 dm? of solution 
0-021 g of sodium hydrogencarbonate (NaHCO,) in 25 cm? 
of solution 
8. 0:053 g of sodium carbonate (Na,CO,) in 100cm? of 
solution R 
9. 0-80 g of hydrochloric acid (HCI) in 25 cm? of solution 
10. 0:16 g of nitric acid (HNO, ) in 250 cm! of solution 


a 


Exercise 12 (7.9) 


Calculate the number of moles of each substance in the following 
solutions. 


1. 1 dm? of 2M potassium hydroxide solution 

2. 1 dm? of 0-1M sodium hydroxide solution 

3. 2 dm? of 0-5M potassium chloride solution 

4. 3 dm? of 1-5M sodium carbonate solution 

5-200 cm? of 0-1M sodium sulphate solution 

6. 100°%¢m* of 0-1M hydrochloric acid solution 

7. 25 cm? of 0-2M lead (II) nitrate solution 

8. 25 cm? of 0-12M nitric acid solution 

9. 24 cm? of 0:1M potassium carbonate solution 
10. 20-5 cm of 0-08M sulphuric acid solution 


Exercise 13 (7.9) 


Calculate the mass of each solute in the following solutions. 
` 1, 2dm? of 1M sodium hydroxide (NaOH) solution 
2. 3 dm? of 2M potassium hydroxide (KOH) solution 
3. 500 cm? of 2M sodium carbonate (Na,CO,) solution 


4. 250 cm? of 1:5M sodium hydrogencarbonate (NaHCO ) 
Solution 3 


5. 200 cm° of 0-1M sodium sulphate (Na,SO,) solution 
6. 100 cm? of 0-2M potassium iodide (KI) solution 
7. 25 cm? of 0-15M ethanoic acid (CH,COOH) solution 
8. 25 cm? of 0-12M silver nitrate (AgNO,) solution 
9. 26-2 cm? of 0-08M nitric acid (HNO,) solution 

10. 22-2 cm? of 0:2M sulphuric acid (H,SO, ) solution 


Exercise 14 (7.9) 


Asa first step in finding the equation for the reaction between two 
aqueous solutions, the mole ratio of the substances reacting 
together can be calculated from the volumes of solutions taking 
part. 
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1. Calculate the umber of moles of potassium iodide reacting 
with | mole of lead(II) nitrate from the information that 
10 cm? of 1M potassium iodide solution react with 5 cm? of 
1M lead (II) nitrate solution. 

2. Calculate the number of moles of barium chloride which react 
with | mole of sodium sulphate from the information that 
10 cm? of 1M barium chloride solution react with 10 cm? of 
IM sodium sulphate solution. 

3. Calculate the number of moles of sodium hydroxide reacting 
with | mole of sulphuric acid from the result that 25 cm? of IM 
sulphuric acid react with 25 cm? of 2M sodium hydroxide 
solution. é 

4. Calculate the number of moles of potassium hydroxide 

reacting with | mole of sulphuric acid from the result that 

25 cm? of 1M sulphuric acid solution react with 12-5 cm? of 

4M potassium hydroxide solution. . 

Calculate the number of moles of sodium thiosulphate which 

react with | mole of iodine from the result that 25cm? of a 

0:1M solution of iodine react with 50 cm? of a 0-1M solution 

of sodium thiosulphate. 

Calculate the number of moles of iron(II) sulphate which 

react with | mole of potassium manganate(VII) from the 

result that 25 cm? of 0-5M iron(II) sulphate solution react 
with 12-5 cm? of 0-2M potassium manganate(VII) solution. 


Exercise 15 (7.14) 


s 


If it is possible to find the volumes of two solutions which react 
together, the result can be used to calculate the concentration of 
one solution, provided the concentration of the other is already 
known. 

1. 25 cm? of a solition of sodium hydroxide is com; letely 
neutralised by 15cm? of 0-1M hydrochloric acid. Calculate 
the molarity of the sodium hydroxide solution and its concen- 
tration in g dm™?, 


NaOH (aq) + HCl (aq) + NaCl (aq) + H,0(1) 

2. 25cm? of a solution of potassium hydroxide is completel 
neutralised by 25 cm? of 0-05M sulphuric acid. Calculate J- 
molarity of the potassium hydroxide solution and its concen- 
tration in g dm~, | 

2KOH (aq) + H,SO, (aq) > K,SO, (aq) + 2H,0(1) 

3. 25cm? of a solution of sodium carbonate react completely 
with 20:5 cm® of a 0-1M solution of sulphuric acid. Calculate 
the molarity of the sodium carbonate solution and its concen- 
tration in g dm™?, 

Na,CO, (aq) + H,SO, (aq) + Na,SO, (aq) 
+ CO,(g) + H,O(1) 


4. 25cm? of a solution of sodium hydrogencarbonate reacts 
completely with 26-2 cm? of 0:15M hydrochloric acid. Cal- 
culate the molarity of the sodium hydrogencarbonate solution 
and its concentration in g dm~?. 


NaHCO, (aq) + HCl(aq) NaCl (aq) + CO, (g) +H,0(1) 


5. 6:2 g of impure potassium carbonate were dissolved in water 
and diluted to make 1 dm® of solution, and 25 cm? of this 
solution reacted completely with 22 cm? of 0:1M hydrochloric 
acid. Calculate the molarity of the potassium carbonate 
solution, its concentration in g dm~? and the percentage purity 
of the original sample of potassium carbonate. 

K,CO, (aq) + 2HEl(aq) + 2KCl(aq) + CO,(g) + H,O(1) 

6. 2:45 g of impure sodium hydrogencarbonate were dissolved in 
water and diluted to make 250 cm? of solution and 25 cm? of 
this solution reacted with 28-2 cm of 0-1M hydrochloric acid. 
Calculate the molarity of the sodium hydrogencarbonate 
solution, its concentration in gdm~%, and the percentage 
purity of the original sample of sodium hydrogencarbonate. 


NaHCO, (aq) + HCI(aq) + NaCl(aq) + CO,(g) + H,O(!) 


Exercise 16 (5.3, 5.4) 


Using the combined gas equation, calculate the volumes these 
gases would occupy if they were measured at the second stated 
temperature and pressure: 
1, A gas had a volume of 200 cm? at 20°C and 760 mmHg, what 
would its volume be at 40°C and 900 mmHg pressure? 
2. A gas had a volume of 2500 cm? at 25°C and 765 mmHg, 
what would its volume be at 80°C and 1500 mmHg pressure? 


3. A gas occupied 1000 dm® at 20°C and 1 atmosphere pressure, 
what anal its volume be at 100°C and 5 atmospheres 
pressure? 

4. A gas occupied 200 dm? at 27°C and | atmosphere pressure, 
what would its volume be at 127°C and 4 atmospheres 
pressure? : 

5. A gas occupied a volume of 300 cm? at 30°C and 200 kPa 
pressure, what would be its volume at 10°C and 100 kPa? 

6. A gas occupied a volume of 150 cm? at 25°C and 100 kPa 
pressure, what volume would it occupy at 17 °C and 300 kPa? 

7. A gas occupied 200 dm? at 80°C and 250000 N m~? (Pa), 
what would its volume be at 100°C and 300000 N m-? 
pressure? 

8. A gas occupied 500dm? at 200°C and 400000 N m-? 
pressure, What volume would it occupy at 250°C and 
450000 N m-?? 

9. What volume would a gas occupy at s.t.p. if its volume was 
200 cm? when measured at 22°C and 800 mmHg pressure? 


10. What volume would a gas occupy at s.t.p. if its volume was 
224 cm? when measured at 60°C and 1000 mmHg pressure? 


Exercise 17 (5.7) 


Using Avogadro's Law itis possible to predict the volumes of gases 
involved in a reaction if the equation for the reaction is known. 


1. What volume of oxygen would be required to burn completely 
1000 cm? of methane, and what volume of carbon dioxide 


would be formed? 
CH, (g) + 20, (g) + CO2(g) + 2H,0 (1) 

2. What volume of oxygen would be required to burn completely 
250 cm? of propane and what volume of carbon dioxide would 
be formed? 

C,Hy(g) + 502(g) > 3CO,(g) + 4H,0 (1) 

3. What volume of hydrogen chloride would be formed when 

100 cm? of hydrogen are reacted with chlorine? 
H,(g) + Cl, (g) + 2HCl(g) 

4. What volume of oxygen would react with 60 cm? of carbon 

monoxide? 
2CO(g) + O,(g) + 2COs(g) 

5. What volume of oxygen would be needed to burn completely 
400 dm? of butane? 

26, H,9(g),+ 1302(g) + 8CO,(g) + 10H,0(1) 

6. What volume of oxygen would be needed to burn completely 
600 dm? of propene? 

2C,H,(g) + 90, (g) + 6CO,(g) + 6H,0(1) 


Exercise.18 (5.9, 5.10) 


The fact that 1 mole of gas occupies a volume of approximately 
24 dm? at room temperature and pressure, or 22:4 dm? at s.t.p., 
* can be used to calculate a value for the relative molecular mass of 
uid. This value, together with the empirical 


a geen vont can be used to find its molecular 


formula of the substance, 
formula. 
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1. 2000 cm of oxygen at room temperature was found to have a 
mass of 2:6 g. Calculate a value for the relative molecular mass 

of the gas. 

3000 cm? of nitrogen at room temperature and pressure was 

found to have a mass of 3-5 g. Calculate a value for the relative 

molecular mass of the gas. 

3. 1-8g of a hydrocarbon has a volume of 700cm? when 
measured at s.t.p.: calculate a value for the relative molecular 
mass of the gas. The compound’s empirical formula is C,H; 
what is its molecular formula? 


2. 


* 4. 13g of a hydrocarbon has a volume of 700cm? when 


measured at s,t.p.: calculate a value for the relative molecular 
mass of the gas, and given that its empirical formula is CH3, 
work out what its molecular formula is likely to be. 


5. 1-0 g of a volatile liquid. would occupy a volume of 400 cm? if 
it was a gas at s.t.p.: calculate a value for its relative molecular 


mass. 


6. 0:6 g of a volatile liquid would occupy a volume of 300 cm? if 
it was a gas at s.t.p.: calculate a value for its relative molecular 


mass. 


Exercise 19 (6.8) 


Calculate the number of coulombs of electricity passing through a 
circuit when: 

1. a current of 2 amperes is passed for 10 minutes 

2. a current of 3-5 amperes is passed for 5 minutes 

3. a current of 0-5 amperes is passed for 5 minutes 

4. a current of 1-5 amperes is passed for 15 minutes 

5. a current of 2:5 amperes is passed for 2 hours 

6. a current of 1-5 amperes is passed for 10 hours 


Exercise 20 (6.9) 


Calculate the quantity of electricity required to deposit: 
1. 1 mole of silver, when 2:68 g of silver are deposited by passing 
a current of 2 amperes for 20 minutes. 
. 1 mole of copper, when 0:88 g of copper is deposited by passing 
a current oft amperes for 30 minutes. 
3. 1 mole of sodium, when 0:53 g of sodium is deposited by 
passing a current of 2:5 amperes for 15 minutes. 
4. 1 mole of lead, when 1-9 g of lead are deposited by passing a 
current of 2 amperes for 15 minutes. 


P 


` 5. 1 mole of magnesium, when 13:4g of magnesium are 


deposited by passing a current of 15 amperes for 2 hours. 


6. 1 mole of aluminium, when 33:5 g of aluminium are deposited 
by passing a current of 20 amperes for 5 hours. 


Exercise 21 (6.11, 19.7) 


In these calculations you will have to use the fact that 1 Faraday 
(96 500 coulombs) of electricity is needed to discharge 1 mole of 
ions which have a relative charge of 1 + or 1 —. Two Faradays will 
be needed if the ion has a relative charge of 2+ or 2—. 
1. What mass of silver would be formed by passing a current of 5 
amperes for 20 minutes through a solution of silver nitrate? 
|. What mass of sodium would be formed by passing a current of 
10 amperes for 15 minutes through molten sodium chloride? 
3. What mass of magnesium would be formed by passing a 
current of 20/amperes through molten magnesium chloride for 
5 hours? 
4, What mass of copper would be formed by passing a current of 2 
amperes through copper(II) sulphate solution for 1 hour? 
5. What mass of lead would be produced by passing a current of 4 
amperes through molten lead (II) bromide-for 40 minutes? 
6. What mass of bromine would be formed by passing a current 
of 4 amperes through lead(II) bromide for 40 minutes? 


N 


Exercise 22 (33.10) 


1. Calculate the percentage of AA in one mole of the 
ammonium phosphate, (NH, ),HPO,. 

2. Calculate the percentage of nitrogen in one mole of the 
ammonium phosphate, (NH,),.HPO,. 

3. Calculate the mass of nitrogen in 160 g of ammonium nitrate, 
NH,NO,. 

4. Calculate the mass of phosphorus in 61 g of the ammonium 
phosphate, (NH,) HPO, . 

5. Calculate the mass of potasium in 60kg of potassium 
chloride, KCI. 
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6. Calculate the mass of nitrogen in 386 kg of the ammonium 
phosphate, (NH, ) HPO, . i: 

7. Calculate the N.P.K. values (to the nearest whole numbers) 
for the mixed fertiliser, 100g of which contains 27 g of 
potassium chloride (KCI), 36g of ammonium phosphate 
((NH,)2HPO,) and 37 g of ammonium nitrate (NH,NO,). 

8. Calculate the N.P.K. values (to the nearest whole numbers) for 
the mixed fertiliser, 100 kg of which contains 20 kg of potas- 
sium chloride (KCI), 30kg of ammonium phosphate 
((NH,) HPO, ) and 50 kg of ammonium nitrate (NH,NO,). 


l 
| 


Questions 


Chapters 1-7 


1. (a) Name the method which can be used to separate the 
pigments in ink. 
(b) Describe how you would separate oil from a mixture of oil 
and water. 
(c) Describe clearly how you would separate chalk from a 
mixture of chalk and sugar. 
(Y.R.E.B., 78) 


2. These curves show the variation ofsolubility with temperature of 
the crystalline salts: sodium nitrate, potassium nitrate, po- 
tassium chloride and sodium chloride. 

(a) Name the solid which is 
(i) the most soluble at 0°C. 
(ii) the least soluble at 0°C. 


160 
140 
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Solubility/ g per 100g of water 
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(b) What is the solubility of each solid at 50°C? 
(i) Potassium nitrate. 
(ii) Sodium nitrate. 
(iii) Potassium chloride. 
(iv) Sodium chloride. 

(c) At what temperature are the solubilities of sodium nitrate 
and potassium nitrate the same? 

(d) How much potassium nitrate would be precipitated if a 
saturated solution containing 100 grammes of water at 70°C 
is cooled to 10°C? 

(e) What is the minimum mass of water necessary to dissolve 100 
grammes of potassium chloride at 60°C? 

(f) How much sodium chloride will dissolve in 25 grammes of 
water at 90°C? 

(g) Potassium nitrate may be manufactured by mixing solutions 
of potassium chloride and sodium nitrate and allowing 
crystallisation to take place firstly at 75°C and then at about 
15°C. Explain why this procedure is used. 


80 


3. (a) How does (i) the motion of the molecules, 
and (ii) the spacing between the molecules 
differ in the three states of matter, viz. solid, liquid and 
vapour? 
(b) How and why does atmospheric pressure affect the boiling- 
point of a liquid? 
(F-M.B.) 


4. (a) Describe an experiment to demonstrate the diffusion of ‘gases, 
How may the diffusion of gases be explained by the kinetic 
theory? 

(b) Describe, using appropriate examples, how the following 
Processes may be used in the separation of the components of 
a mixture: 
(i) fractional distillation, (ii) sublimation. 
(W.F-EL.) 


5. (a) (i) Explain why a gas exerts pressure on the walls of a 
.., closed vessel containing it. 
(ii) How and why is this pressure affected by increasing the 
temperature of the gas? 
(b) 30 cm? of a gaseous oxide of carbon, measured at room 
temperature and pressure, have a mass of 0-035 g. 
(i) What is the mass of 1 mole of this oxide? 
(ti) Use this information to suggest the most probable 
formula of the oxide. 
(c) At room temperature and pressure, 1 g of hydrogen occupies 
12 000 cm’, Use this information to determine the SOEI 
of hydrogen. 


(L) 


6. (a) 5 g pe oade o of chromium were found on reduction to 
ve 2-6 g of chromium. Find the simpl iri 
O) Pormula of the oxide. eee ee 
ide (A) on strong heating forms oxygen and a second 
oxide of chromium, (B), which is found 5 contain 24 z of 
oxygen combined with the molar mass of chromium. Find 
the simplest formula of oxide (B). 
(c) Using the simplest formulae for the two oxides, write an 
equation for the formation of oxide (B) from oxide (A). 


(L.) 


7. A colourless liquid Q boils at 46 °C and burns readily in air. It 
contains only the elements carbon and sulphur, in the 
proportions 15-8% C and 84:2% S by mass. 
(a) at is the ratio of moles of C atoms to moles of S atoms in 
(b) If 1 mole of Q has a mass of 76 g, what i 
formule of 0} 8, what is the molecular 
(L) 


8. ae the relative atomic masses of (i) Fe, (ii) S, 

(b) Calculate the mass of 1 mole of each of th followii 
compounds:— (i) FeSO,, (ii) Fe,Os, (iii) SO,. Sates 

(c) Calculate the mass of (i) iron(III) oxide and (ii) sul 
trioxide obtained from 15.2 grams of iron(II) ahatea 
2FeSO, +Fe,0, + SO, + SO, 
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9. (a) Give the names of the elements which have the i 

symbols:— Cu, K, Mg, Sn, He, Si. Plne 

(b) The formula of Gallium (III) oxide is Ga:0;; Write down 
the formula for each of the following compounds — Gallium 
(IHI) chloride, ‘Gallium (III) sulphate, Gallium (III) 
hydroxide 

(c) Complete and balance the equations below :— 

(i) Mg + HCl > MgCh+H, 
(ai) NO. + O; > NO, 
(ii) NHOH + H,SOQ, > ... +2H,0 


(iv) FeCl, a FeCl, 
(d) Calculate the percentage by mass of oxygen in Gallium (III) 
oxide. 
Chapters 8-11 


1. (a) Give two important processes which generate or release 
carbon dioxide into the atmosphere, and two which remove 
carbon dioxide from the atmosphere. 

(b) Of the gases in the air, name one which is 
(i) most abundant by volume, 
(ii) extracted and used industrially on a large scale. 
For (ii), give three examples of its use. 
(c) Name one noble (rare or inert) gas, 
(d) Name two gases notorious for causing atmospheric pollution. 


(0.) 


2. Describe, giving essential practical details, a laboratory 
preparation ofreasonably Pure opi of the following salts: (a) 
sodium chloride, (b) copper(II) sulphate, (c) lead(II) chloride 


from lead. 
(WJEC) 


3.In carrying out an experiment with hydrated magnesium 
sulphate, MgSO,.xH,O, the following results were AHESE 


(i) Mass of crucible plus lid = 14-636 g 
(ti) Mass of crucible plus lid plus hydrated magnesium 
_.,, Sulphate =15:374 g 
(iii) Mass of crucible plus lid plus crystals after heating 
5 =14996 g 
(iv) Mass of crucible plus lid plus crystals after further 
heating =14-996 g 


(a) What was the mass of water of crystallisation in the sample of 
hydrated crystals used? (b) What was the mass of ‘anhydrous 
magnesium sulphate formed? (c) Whatis the value of x in the 
formula MgSO,.xH,O? (d) Why was step (iv) necessary? 

(0.) 


4. (a) Name one compound in each case which can cause (i) 
temporary hardness and (ii) permanent hardness in water. 
(b) Show, by equations, how both temporary and permanent 
ard water react with soap and state what you would see 
during the process. Contrast this with the action ofa soapless 
detergent on a sample of hard water. 
(c) Describe how these two types of hardness in water arise in 
nature, 
(d) Why is it necessary, in hard water areas, to check domestic 
hot water and central heating pipes regularly? 
(F7.M.B.) 


5. (a) Briefly describe three types of treatment which may be 
necessary to convert river water into water which is suitablé 
for domestic use. 

(b) Name three sources of pollution of natural waterways. 

(c) Stretches of polluted waterway are sometimes treated with 
oxygen. 
What is the purpose of the oxygen? 


Chapters 12-16 


1. (a) Complete the table below: 


Mass Alomic Number of | Number of 

Element Number | Number Protons Neutrons 
Sodium 23 Di 
Calcium | 20 20 

#Cl - | 
HCl | | 

(b) What name is given to a pair of atoms such as #C and #7? 

(0.) 


2. (a) Give the arrangement of the electrons in (i) one atom of 
sodium (atomic number 11). (ii) one atom of chlorine 
(atomic number 17). 

(b) Explainhow oneatom ofsodium combines with oneofchlorine 
and name the type of bond formed. 


(c) By means ofa diagram, show the arrangement of electrons in 
one molecule of chlorine. 
(Y.R.E.B., 78) 


3. (a) Write down the electronic structures of the following 
elements, whose atomic numbers are given in brackets: 
S(16); Cl(17); Ar(18). 

(b) With reference to the electronic structures of the elements 
concerned, account for the fact that chlorine is a diatomic 
gas, whereas argon is a monatomic gas. 

(c) Sulphur and chlorine combine to form a covalent liquid 
SCl,. By means ofa diagram, show the electronic structure of 
this compound. 

(d) How do you account for the fact that simple covalent 
substances are usually quite stable to heat, but have 
relatively low boiling points? 

(W.J.E.C.) 


4. What are the constituent units of crystals of (i) iodine, (ii) 
sodium chloride? Compare and account for the ease with which 
these substances can be vaporised. 10) 


5. ‘The type of bond present in a crystal can influence its chemical 
and physical properties.’ 
(a) Explain what is meant by the above statement in the case of 
crystals of (i) iodine, (ii) diamond, (iii) sodium chloride, 
In your answer, in addition to the type of bond present, you 
should refer where relevant to the flowing: : 
the particles (i.e. atoms, ions or molecules) present in the 
crystal, 
the action of heat on the crystal, 
whether the melting point is low or high, F 
the conditions under which the substance will conduct 
electricity. 
(b) A compound, X, is a white crystalline solid. It has a melting 
int of 767°C and is soluble in water. 7 
ae with a reason, what type of bonding is present in the 


crystal. 9 ; 
Would you expect an aqueous solution of X to conduct 
electricity? GMB) 


6. Magnesium (atomic number 12), aluminium (atomic number 
13) and chlorine (atomic number 17) are in the same short 
period. Hy i 
(a) Describe the physical state and appearance of these elements 
at room: temperature and pressure. Do they conduct 
electricity? Are they metals or non-metals? What trends in 
the properties of the elements can be observed across the 
period? ; 

(b) Draw diagrams to show the arrangement of electrons in the 
atoms of these elements. Which element would you expect to 
have the highest first ionization energy and why? 
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} 


7 rji | 


(c) What are the charges on the ions formed by these elements? 
How can these charges be explained in terms of the number 
and arrangement of electrons in the atoms? 

(L.) 


7. By reference to the work of Débereiner (1817), Newlands 
(1863), Mendeleey (1869) and Moseley (twentieth century) 
trace briefly the development of ideas for the classification of 
elements up to the Periodic Table as we know it today. 

Ifall the successive ionisation energies ofa particular element 
are known, how might the electron configuration be deduced? 


( 


8.(a) (i) Indicate the nature of x-rays, B-rays, y-rays, 

(ii) Write down these types of radiation in the order of their 
penetrating power, starting with the most powerful 
radiation, 

(b) (i) The half-life period of uranium-238 is 4-5 x 10° years. 

Briefly explain what is meant by this statement. 

(ii) What implications does the possession of large half-life 
periods have for the disposal of radioactive waste? 

(c) Quote two examples of the use of radioactive isotopes other 
than to produce energy. Give brief explanations of these 
applications (the isotopes need not be identified). 

(L. Chem in Soc.) 


Chapters 17-21 


1. When iron is dissolved in dilute sulphuric acid, a gas is released 
and a salt is formed in the solution (which will be referred to 
below as solution A). 

(a) Give the equation for the reaction and name the substances 
formed. 

(b) What volume of gas (measured at 3,t.p.) would have been 
released if 112 g iron had been dissolved? 

(c) The crystalline salt obtained by evaporating a portion of 
solution A is strongly heated until a reddish brown residue is 
obtained, Name this residue and give an equation for the 
reaction, 

(d) Hydrogen peroxide and dilute sulphuric acid are added to 
another portion of solution A and the mixture is warmed for 
several minutes. What colour change occurs and what 
chemical change has taken place? 

(€) Compare the effect of sodium hydroxide solution on solution 


A with its effect on the solution obtained in (d). 
(0.) 


2. (a) Place the following metals in the order in which they appear 
in the activity series, starting with the most reactive: lead, 
sodium, iron, zine. 

(b) A fifth metal M reacts slowly with cold water but vigorously 
when heated with water vapour. It reacts with dilute acids 
according to the equation M+ 2H*-»M** + Hy, 

(i) Where would you place M in the activity list of the four 
metals in (a)? 
(ii) Write an equation for the thermal decomposition of the 
carbonate of M. 
(iii) Write an equation for the thermal decomposition of the 
nitrate of M, 
(iv) In which group of the Periodic Table would you place 
M? 
(0.) 


3. How do you account for the fact that when an aqueous solution 

containing both sodium sulphate and copper sulphate is elec- 
trolysed, the platinum cathode changes colour and no gas is 
alee at this electrode? What reaction occurs at the platinum 
anode? 


(0.) 

4. What is metallic corrosion and how may it be prevented? How 

does the chemist explain that the corrosion of a particular metal 

may be increased when it is in contact with some metals and 
decreased when it is in contact with other metals? 

(L. Nuff.) 


5. Explain briefly why each of the followii ions i 
<plait t ing reactions is termed 
pudauon (a) the combustion of carbon in asyeens 1) the 
n of zinc with dilute ic acid; he reacti 
aa Ae pent ilute sulphuric acid; (c) the reaction of 


Chapters 22-23 


(0.) 


1. The following equation represents a reversible reaction: 
__ Ag*(aq) + Fe**(aq)=Ag(s) + Fe** (aq) 
(a) (i) Name two substances that you could mix to make the 
_. Teaction go from left to right. 
(ii) What would you expect to see if the substances do 
_.. Teact? 
(iii) Describe a chemical test to prove that some Fe'+ ions 
have been formed. 
(b) (i) Name two substances that you could mix to make the 
_. reaction go from right to left. 
(ii) What would you expect to see if the substances do 
vay react? 
(iii) Describe a chemical test to prove that some Fe?*+ ions 
have been formed. 
s r, t) 
2. In many industrial processes the use of one or more of the 
following is essential for a satisfactory yield of the desired 
product: (a) a high temperature, (b) a high pressure, (c) a 
catalyst, (d) an electric current. a 
Take each of these factors in turn and describe the chemistry of 
an industrial process where it is used. You must choose a different 
process each time. Technical details are not required. 


(L.) 
3. (a) The heat of neutralization of a i i 
f neutral cqueous sodium hydroxide by 
Pages oa acid ER same as the heat of PTR Pr of 
us potassium hydroxide by nitric acid. Gi i 

explanation of why this is so. i i EE 

(b) Describe how you would carry out an experiment to find the 
cat ot EEREN in one of the above cases. You should 

state clearly what you would do, what 
how you would work out your results. NE SRRA 


(L.) 


120 


90 


Volume of hydrogén/cm3 


40 60 
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1m Hydrochloric acid 


1m Ethanoic acid 


4. Marble chippings (calcium carbonate) w 
of dilute hydrochloric acid and the go ha ee 


collected. The volume of the gas collected was noted every half 


minute and recorded as shown in the table below. 


[Time EE AY Bae MS 
Volume/cm? | 80 | 150 | 200 | 240 | 270 | 290 | 300 


a) (i) Usi iven i 

(a) (i) epee sare given in the table, plot a graph to show 

(ii) How long did it take for 120 cm’ of be 
ee t gas to be collected? 
z ee line of the graph remain horizontal after 
iv) Sketch on the graph the curve i 
n you would expect if 
Ponie pices of marble, but of the same total mass, 


(b) What effect, ifany, would each ofthe followi 
3 > hanges havı 
on the final volume of, l ? (i) Using more seid. (i) 
Using aan of gas collected? (i) Using more acid. (ii) 
(c) Write a balanced chemical equation to represent the 


reaction which takes place b i 
Hoare pees place between the marble and dilute 


(d) Draw a diagram of the apparatus which you would use to 


Saui the experiment described at the beginning of the 


ee (Y.R.E.B., 78) 
ribe how you would carry out an experiment ti 
baat p hydrogen which would be set Ree. fom "iiae 
isk loric acid, at room temperature and pressure, by 1 gram 
The addition of a few dro 
k ps of aqueous copper(II) sulph: 
po up the reaction between the acid and Hiep phate 
pia you Sry out to show that it is the Cu*+ ions and not the 
H or the water present in thi 
sulphate that cause the ie: in potd? uae CD 


(L.) 


6. The curves below show the results of two experiments which 


wae ay out using magnesium ribbon and a dilute acid. In 
case, the same mass of magnesium ribbon was taken and the 
same volume of acid of the same concentration was used. The 
acids were | m hydrochloric acid and 1 m ethanoic acid, 


80 


Time/seconds from start of experiment 


— 


ph 5 i ae i 


(a) An equation which represents both reactions is 
_ Mg(s) + 2H*(aq)>Mg**(aq) +H,(g) 
(i) What do the curves tell you about the concentration of 
„__ H* ions in each acid solution? 

(ii) If left long enough, the volume of hydrogen collected 
at room temperature and pressure is the same in each 
case, Why is this so? 

(b) How many seconds would elapse before half of the 
magnesium was used up (i) with hydrochloric acid, (ii) with 
ethanoic acid? 

(c) What shape would the curve be if the same mass of powdered 
magnesium were used with the same volume of lm 
hydrochloric acid under the same conditions? 

(L) 


Chapter 24 


1. State concisely the chemical principles which determine 
methods of extracting metals from their compounds on the 
industrial scale (but without technical detail of industrial plant), 
referring to sodium or magnesium and to zinc or iron. 

(a) Suggest a method for the large-scale production ofa metal M 
found in large quantities as the carbonate MCO;; M is 
known to displace hydrogen from dilute acids rather slowly. 

(b) What do you understand by the statement that zinc oxide (or 
zinc hydroxide) is amphoteric? Describe experiments which 
you could perform to illustrate your explanation, starting 
with a solution of zinc sulphate. 

(c) What mass of iron is obtainable from 3560 tonnes of the ore 
limonite Fe,O,;H,O? (0) 


2. (a)Give, with a diagram, an account of the manufacture of 
aluminium from its oxide (purified bauxite). 
(b) Give two important uses of this metal and explain the 
property on which each use depends. 
(c) Describe one experiment to show that aluminium is a more 
reactive metal than copper. 
(0. 8 C.) 


3. Read the paragraph below, which concerns the metal alum- 
inium, then answer the questions which follow. 

‘Purified bauxite (Al,O,) is electrolysed in a steel vessel with a 
carbon lining as a cathode and carbon anodes dipping into the 
electrolyte. Aluminium ions are discharged at the cathode, 
forming molten aluminium which is collected.’ 

(a) (i) What is liberated at the anode? | fpr 

(ii) Name the common alkali used in the purification of 
bauxite. 3 $ A 

(iii) Which compound is mixed with purified bauxite to 
make the electrolyte? 

(b) (i) The reaction at the anode is such that the carbon 

anodes are being continually worn away. Give a 

pambe explanation. 

(ii) Give two uses of aluminium. à 

(iii) Why is aluminium a relatively expensive element? 

(E.M.R.E.B.) 


4. (a) The blast furnace process is used to obtain pig iron (cast iron) 
from iron ore. (i) What materials are put into the blast 
furnace? (ii) What chemical reactions occur in the blast 
furnace? (iii) What are the gases which emerge from the top 
of the furnace used for? 

(b) Describe the experiments you would carry out in order to 
find out if air or water, or both, must be present for iron to 
rust. 

(c) Describe three methods by which the rusting of iron can be 
prevented. 
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Chapters 25, 26 


1. A pure white solid (A) was found to be soluble in water. This 


solution when acidified with dilute nitric acid gave a white 

pe atate with silver nitrate. The solution of (A) also gave a 

rilliant yellow colour in a flame test, 

(a) Name the compound A, 

When solid (A) was treated with concentrated sulphuric acid a 

gas was formed that ‘steamed’ in air and dissolved easily in 

water, giving a solution which turned blue litmus red. 

(b) (i) Name the gas. (ii) Name the solution. 

The solution of (A) in water when conducting electricity 

produced a green gas at the anode and a colourless gas at the 

cathode. When tested with a burning splint the colourless gas went 

‘pop’. 

(c) (i) Name the green gas. (ii) Name the colourless gas. 

(d) Write down equations to illustrate the chemical changes at 
(i) the cathode. (ii) the anode. 


2. Give three physical properties of chlorine. 


Under what conditions and with what results does chlorine react 
with (i) hydrogen sulphide, (ii) iron, (iii) sulphur dioxide? 

The elements chlorine, bromine and iodine appear in the same 
group of the Periodic Table. Write a brief comment on their 
classification, referring to the manner in which their atoms 
combine with those of other substances, and mentioning two 
series of similar compounds. 

Describe two simple experiments which you could carry out to 
demonstrate the relative activity of chlorine, bromine and' 


iodine. 
(0.) 


3. Chlorine, bromine and iodine are in Group VII of the Periodic 


Table and are members of the same family. 
(a)Explain the characteristics of the family by reference to 
(i) the physical state of each element, 
(ii); the „similarities and differences in the electronic 
configuration of their atoms, 
(Gii) the gradation in the sizes of their atoms and ions. 
(iv) the ease with which they combine with iron. 
Give an equation for the reaction ofiron with one of the elements, 
(b) What is seen when an excess of chlorine is slowly bubbled 
through a solution of potassium iodide? 
Write an equation for the reaction. 
(c) Dichlorodifluoromethane, CCI, F,, is used as a refrigerant 
called ‘Freon’ ‘ 
Write its structural formula and suggest what shape its molecule 


might be. 
(J.M.B.) 


Chapter 27 


1. Ayellow, non-metallicsolid (A) burnsin oxygen to give agas (B) 


which turns damp blue litmus red. The gas (B) is oxidise in the 
presence of a catalyst to form another substance (C) which turns 
damp blue litmus red. 

(a) Name the solid A 

(b) Name the gas B 

(c) Write the equation for the oxidation of A to B 

(d) What compound is produced when B dissolves in water? 
(€) What catalyses the change from B to C? 

(f) Describe the appearance of Cat room temperature 

(g) Write the equation for the oxidation of B to C. 


2. (a) What do you understand by the term ‘allotropy’? 


(b) Name two crystalline allotropes of sulphur. 
(c) Which is the stable allotrope at room temperature? 


(d) Describe briefly how you would prepare a sample of the 
allotrope which is unstable at room temperature. 

(e) What would happen to the crystals formed in (d) ifthey were 
left at room temperature? 

(f) If3-2 g of allotrope (i) were completely oxidised to sulphur 
dioxide, what mass of sulphur dioxide would be formed? 
(Relative atomic masses: O= 16, S=32). 

(7-M.B.) 


3. (a) Give an outline account of the manufacture ofsulphuric acid 
by stating the chemistry of the following steps: 
(i) the production of sulphur dioxide; 
(ii) the oxidation’of sulphur dioxide; 
(iii) the absorption of sulphur trioxide. 

(b) Briefly describe one reaction in which sulphuric acid behaves 
as an oxidising agent, and one reaction in which the acid 
behaves as a dehydrating agent. 

(c) Ifx cm? of a solution of sulphuric acid is exactly neutralised 
by ycm! of a solution of sodium hydroxide, in what 
proportions by volume must the acid and the alkali be mixed 
to give a solution which will deposit sodium hydrogen 
sulphate on evaporation? 

(d) Mention three large-scale uses of sulphuric acid. 

(0.) 

4. Over 90% of the sulphur dioxide which is released into the 

atmosphere is in the northern hemisphere of the world. What are 

the possible explanations of this marked difference between the 

hemispheres and explain whether or not we ought to be 
concerned about the difference? 


Describe two harmful effects of the pollution of the atmosphere, 
by sulphur dioxide. 


Chapter 28 


1. (a)Give equations for three quite different reactions as a result of 
which carbon dioxide is released, 


(b)What is the chemistry of the test. for carbon dioxide? 
(0.) 
2. When oxalic acid (ethanedioc acid) crystals are heated with 
concentrated sulphuric acid, a mixture of carbon monoxide and 
carbon dioxide is produced. 

(a) How would you demonstrate that both| carbon monoxide 
and carbon dioxide are present in the gas evolved? You 
shduld state what you would do, what you would see and 
how you would interpret your results. 

(b) Suppose that you had collected 100 cm? of the mixture in a 
gas syringe. How would you determine the percentage by 
volume of carbon dioxide in the mixture? You should state 
what you would do, what you would see and how you would 
interpret your results, 

(c) Suggest two safety precautions that should be taken when 
carrying out the above experiments. Why would these be 
necessary? 


(L.) 
Chapter 29 


v 


1. (a) Limestone is roasted in a kiln using producer gas as the fuel. 


(i) Explain how producer gas is made. 
(ii) Give the chemical name and formula of limestone. 
(iii) Name two other naturally occurring materials which 

2 have the same chemical composition as limestone. 

(b) Calcium oxide and calcium hydroxide are both white 
powders which can be made from limestone. Name a 
substance that will distinguish between them and state what 
happens when it is added to each powder. 


(c) Calcium hydroxide is used in the manufacture of bleaching 
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wder. With what is calcium hydroxide treated to convert it 
into bleaching powder? 


(d) For what purpose is limestone added to the blast furhace? 
(EMREB) 


2. (a)Give, with equations, an aécount of the manufacture of 
sodium carbonate by the Sélvay process. Include in your 


account 
(i) the names of the raw materials, 


(ii) the reactions by-which the sodium carbonate is 


produced from the raw materials. 


(b) State two factors which make the Solvay process efficient and 

name the by-product formed. 

(c) How does sodium carbonate solution react with 

(i) dilute nitric acid, 
(ii) a solution of calcium chloride? 
+ For each reaction state what would be seen and either 
name the products or write an equation. 
(J-M.B.) 
3. (a) Sodium is manufactured from sodium chloride. For this 
process 
(i) state whether the electrolyte is molten or in solution, 
(ii)name the materials of which the electrodes are made. 
(iii) write an equation for the reaction in which the sodium 
is formed. 

(b) How is the process in (a) modified to obtain sodium 
hydroxide as the product? Explain how the sodium 
hydroxide is formed. 

(c) Name the other product common to both processes and 
outline the reactions of this substance with 
(i) water, 

(ii) hydrogen, 
In each case, give the conditions and either an equation or 
the name(s) of the product(s). 

(J.M.B.) 


Chapter 30-32 


1. (a)Name and give the structural formula of an organic 
compound that is formed by the oxidation of ethanol. 

(b) Ethanol vapour, when passed over a heated catalyst, 
produces an unsaturated hydrocarbon X with relative 
molecular mass (molécular weight) of 28. (i) Name a catalyst 
which can be used. (ii) Write down the equation for the 
reaction. (iii) What is the empirical formula for X? (iv) 
Write down in full the AAE ORF for X. (v) Describe 
two tests by which you could show that X is unsaturated. 

(0.) 
2. Two saturated organic compounds have the same molecular 
formula C,H,O. 


(a) Write the structural formulae of the two compounds and 
name them. 


(b) How could sodium metal be used to distinguish between the 
two compounds? 


(c) Write an equation for the preparation of an ester starting 
with one of the two compounds. Name both the second 
reactant and the ester produced. 

(d) Name a suitable catalyst for the esterification process. 

(0.) 


3. (a) What is the major constituent, other than water, of wine? 


Give its name and formula. (b) What reaction occurs when the 
wine becomes sour? (c) What reagent would you use in the 
laboratory to bring reaction (b) about more quickly? (A 
balanced equation using this Teagent is not expected.) 0) 
(0. 


4. (a) Name four fractions obtained by the fractional distillation of 


petroleum and give one major use for each fraction. 


(b) At present, most of our ethanol is made from ethene. How is 
this done on a large scale? 

(c) In future, it may be necessary to make ethene from ethanol. 
How could this be done industrially? 

(d) Ethene and bromine were allowed to react together at a 
temperature high enough to ensure that all the substances 
involved in the reaction were gaseous. 

i) Write the equation for the reaction. 
ay Give the aoaaa] formula for the product. is 
(iii) State what would be seen during the course of the 
reaction. ; 
(iv) 1£50 cm? of ethene and 50 cm? of bromine vapour were 
used, what volume of gaseous product would be 


formed? (J.M.B.) 


5. (a). What reaction occurs between ethanol and (i) sodium, (ii) 
acidified potassium dichromate(V1) solution? : : 
(b) Describe how an ester can be made from ethanoic (acetic) 
acid, Give the structural formula of this ester. 
(c) Describe the hydrolysis ofan ere and give one example ofa 
large-scale application of this hydrolysis. (0:80) 


ine the factors which are likely to be taken into account 
Sg ip a a site for the construction of a new oil 
refinery. (b) Explain one chemical method for the dispersal 

of oil slicks. 


il i i) as a fuel for heating, (ii) as a fuel for transportation 

T Sia j source of chemicals which can be converted into 

roducts such as plastics man-made fibres, medicines m 
erbicides. Giving reasons, explain which of these uses you thin! 

should have prior claim on the world’s diminishing oil supplies. 


examples of fossil fuels. 
% eee vanes and disadvantages of these fuels with 
respect to (i) the costs of transporting the fuels, (ii) the pollution 
of the atmosphere by sulphur dioxide and (iit) the need to use 
them sparingly in order to conserve the world’s supply. 


two plastics which are made from ethene. 
% ieee ie for each plastic and explain why itis suitable for 
this purpose. Coie a 
in why the dis of plastic objects is a problem. | 
{3 he UIK ethene eae from oil. An alternative source is 
to make it from ethanol which has been obtained by 
fermentation processes. Why do you think that this is nota 
feasible alternative in the U.K. at the moment? 


Chapters 33, 34 


erred) f 
itri id i ufactured by the catalytic oxidation o! 
$ oat tie Ecd which take place are represented by the 
equations A and B below. (N.B. Equation A is not balanced). 
A. 4NH; + 50, > 4NO + H,O 
B. 4NO + 30, + 2H,O > 4HNO, AF 
(a) How many molecules of water would have to be formed in 
order to balance equation A? phi 
(b) Name the catalyst used in the manufacture of nitric Rr 
talyst essential for the reaction represented by 
S A erlat represented by equation B, or for both of 
these reactions? 


(d) Describe fully, one test for a nitrate. (LREB., 77) 


3 y ) d 
ia i factured by passing a mixture of nitrogen aní 
5 pasties aca area ofabout 250 atmospheres, overa es 
2) 500°C. Under these conditions, about 15% of the gases 


converted to ammonia. 
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(a) Write an equation for the reaction and state whether itis / 


exothermic or endothermic. 

(b) Why is a catalyst used? 

(c) What happens to the gases which are not converted to 
ammonia? 


(d) The yield ofammonia is increased if the process is carried out 


at (i) even higher pressures and (ii) lower temperatures. 
Explain why these conditions are not used in industry. 3 
Explain why industrial plants for manufacturing ammonia 

9 aa to be situated near coalfields but the plants built more 
recently are situated near oil refineries. ; ; 

(f) Ifammonia is passed over heated copper(II) oxide, the oxide 
is reduced to copper and the other products of the reaction 
are nitrogen and water. } 

Starting ath dry ammonia coming uagh a delivery tube, 
draw a diagram ofapparatus which could be used to carry out 


the above experiment and collect the three prodi MB.) 


i opper reacts with nitric acid, a gas A is released 

i Mi a PURTA B is formed. When the solution B is 
evaporated to dryness and the residue heated strongly a 

solid Cis produced together with gas A and another gas 

D which supports combustion. Name the substances A, 

B, Cand D, and describe the appearance of A, B and C 

(ii) Writean equation for the decomposition ofnitric acid by 


heat. (0.) 


‘Bri i ion of an NPK (nitrogen, 
ii Pef cen ne prenemo from naturally occurring 
Wales {the indications that the soil in which plants 
je Indic; nt 
a Meee R Baen in (i) nitrogen, (ii) phosphorus, (iii) 
potassium? ie fe a 
(c) In what ways can the large-scale use of fertilisers be harmi 
to the environment? 


Revision Questions | 


1. Metal M. which forms anion M?-, hasa relative atomic mass of 
59. The metal forms a basic oxide which is insoluble in water. 
The sulphate and*chloride of M are both water soluble: the 
chloride exists as hexahydrate crystals, i.e. with 6 molecules of 
water of crystallisation, and the sulphate as a heptahydrate, i.e. 
with 7 molecules of water of crystallisation. The metal is just 
below zinc i the activity series \¢lectrochemical series), 

a Write the formulae of (i) the hydrated chloride, (ii) the 
hydrated sulphate, of M. 

ib\ Describe. giving all essential practical details, how you 
would prepare a dry sample of one of the compounds in (a), 
starting from the oxide of M, 

c* Name two metals which you would expect M to displace 
from solutions of their salts. Write an equation for one of the 
displacement reactions. 

d What is the relative molecular mass of the nitrate 
M_NO,',? 

e Calculate the maximum mass of this nitrate obtained in 
| solution by reaction of the oxide of M with 100 cm? of 
0:050M nitric acid. 

RE (C3 

1 | 2. Make use of the following information about silicon (Si) and its 
| compounds to answer the questions below. 

Silicon. atomic number 14, is the element immediately below 

carbon in Group IV of the Periodic Table. It does not react 

with water nor with dilute acids. It can be obtained by heating 
sand with an excess of magnesium. Sand is an oxide of silicon, 

When sand is heated with carbon ata high temperature, the 

products formed are carbon monoxide and carborundum 

which is a compound of silicon and carbon only and is a very 

hard substance, f 3 

a) State the characteristic valency of silicon and hence write 


down the chemical formulae for (1) sand, (ii) sodium 
silicate, 


\b) Write the equation for the reaction between sand and 
magnesium, 


1€) Describe how you would obtain pure dry silicon from the 
products of reaction tb). 

\d) How are the electrons arranged in a silicon atom? 

ce) Give \i) two physical differences, (ii) one chemical 
similarity, between carbon dioxide and sand. 

\f) Suggest a formula for carborundum. 

18) Write the equation for the reaction of carbon with sand. 


ih) Name another substance which you would expect to have 
the same crystal structure as carborundum. 


1C 
3. In two titration experiments it was found that 
I 20 cm? of 0-1M potassium chromate(V I) (K,CrO,) re- 
quired 20 cm? of 0-2M silver nitrate for complete reaction. 
II 20 cm? of 0-1M potassium chromate(VI) required 10 cm? 
of 0-2M barium chloride for complete reaction, 


Silver chromate(VI) and barium chromate(VI) are both 
insoluble in water. 


(a) How! many moles of silver nitrate are required to react 
completely with one mole of potassium chromate(VI)? 

(b) How many moles of barium chloride are required to react 
completely with one mole of potassium chromate(VI) ? 


| ee 


(c) Write equations for the reactions taking place in Experi- 
ments I and II. 


(d) Calculate the mass of silver chromate(VI) precipitated in 
Experiment I-and the mass of barium chromate(VI) 
precipitated in Experiment II. 

1e) Write the equation for the reaction between solutions of 

> barium chloride and silver nitrate and calculate the volume 
of 0-2M silver nitrate required to react completely with 
20 cm? of 0:2M barium chloride. 

( Give the formulae of three halides of silver which are 
insoluble in water. 


(C.) 


4, Aluminium (valency 3) forms a compound Al,C, with carbon. 
This compound reacts with water according to the equation 


ALC, + 12H,O ~ 4A.OH), + 3CH,. 


Aluminium reacts with other non-metals to form compounds 

which react with water in a similar way to Al,C,. 

(a) Write the formulae of the compounds formed when 
aluminium combines separately with chlorine (valency 1), 
sulphur (valency 2) and nitrogen (valency 3), 

1b) Give the formulae of the compounds, other than aluminium 
hydroxide, which you would expect to be formed when the 


three compounds in (a) react with water. 


t€) Write equations for the reactions of the three compounds in 
\a) with water, 

id) Without referring to their effect on indicators, describe 
briefly and write equations for four different reactions (one 
in each case) in which 

(i) one of the compounds in (b) reacts as an acid, 
(i) one of the compounds in (b) reacts as a base, 
(iii) one of the compounds in (b) reacts as a reducing 
agent, 
iiv) two of the compounds in (b) react together to give a 
solid product. 
(C.) 
5. At 30°C and 756 mm of mercury 
one mole of any gas occupies 23-0 dm’, 
one dm? of a gaseous compound P has a mass of 1-20 g 
one dm? of'a gaseous compound ru a mass of 1-08 g. 
The empirical (simplest) formula of P is CH,O. 
Q burns in oxygen to give water, carbon dioxide and nitrogen 
as the only products. 
25-0 dm? of Q give, on complete combustion, 9-00 g of water, 
and 12-5 dm? of nitrogen. (Both volumes at 30°C and 756 mm 
of mercury. 
O; 


dation of P gives an organic acid R of molecular formula 


Qreacts slowly with water in the Presence of sodium hydroxide 
to give ammonia and the sodium salt of acid R as the only 
products. 


(a) Calculate the relative molecular masses of P and Q. 
(b) Write the molecular formula of P. 

(c) What elements must be present in Q? 

(d) What is the mass of hydrogen in 9-00 g of water? 


(e) What is the mass of 12-5 dm” of nitrogen at 30°C and 
736 mm of mercury? 


\f) Use your answers and the information above to deduce the 
molecular formula of Q, 

(g) Write the equation for the combustion of Q in oxygen. ; 

(h) Name the organic acid R and give the formula for its 
sodium salt. 3 

(i) Write the equation for the reaction of Q with water in the 
presence of sodium hydroxide. > 

(j) Use your knowledge of valencies to write structural 
formulae for P and R. using lines to represent covalent 
bonds. ©) 


6. Use the information given in (i) to (viii) to identify the 
substances A to H, selecting your answers only from substances 
in the list below. Write equations for all the chemical reactions 
mentioned in (i) to (viii). 


calcium calcium oxide ammonium chloride 
carbon , copper(II) oxide copper(II) nitrate 
chlorine lead( IT) oxide hydrogen chloride 
oxygen calcium hydroxide lead(I1) nitrate 


(i) A is a white solid. When heated, it does not melt but 
produces a dense white smoke. j; 3 
(ii) An alkaline gas is formed when a mixture of A and C is 
f ed. n r 
iii) When water is added to E, heat is evolved and C is 
Pluie bakes neha 
iv) Bb rightly in air to . 
9 When D is kes, it gives off brown fumes and leaves a 
black residue of F. “ aaa ee 
(vi) _A solution of D is formed by warming F with dilute nitric 
(vii) ee gaseous, non-metallic element which reacts with 
hydrogen to form H. V 3 
(viii) A solution of H will neutralise a solution of C. es 


$ Peed A the 
Fas of the information in the table below to answer th 
a Perma oy about strontium and bismuth. Either write 
equations or name Ee products of any definite chemic 
reactions to which you refer. 


Element Strontium at 

Symbol F Sr A 

Relative Atomic Mass 88 y 

Potion i the ese Between 

Pe e sodium and lead and 
(electrochemical calcium copper 
series) 


(a) Write formulae for the oxides of strontium and bismuth and 
state how these oxides would differ 
i) when treated with water, 
(ii) when heated in hydrogen. > pera 
X t the elements strontium an 
t ais beri when added to cold water? 
(c) Write formulae for the chlorides of nt ea 
the substances you would expect to be liberated a 
g MAT Gibedes (negative electrodes) when solutions of 
(i) strontium chloride, 
(ii) Hiena a 
are electrolysed separately. : 
(e) What masses of vod proier in (d) would be liberated by 
the passage of 96 500 C (coulombs) of electricity? C) 


trogen i y jon of heat 

Ni dioxide (NO,) can be obtained by the action of 

sp lead(II) nitrate. Nitrogen dioxide reacts vit Ot wia 
forming nitrous acid (HNO,) and nitric acid (HNO, 


only products. í 2 
Deseri would observe if lead(IT) nitrate were 
e heitan had finished and the residue left to 
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(b) (i) Write the equation for the action of heat on lead, I) 
nitrate. 4 
(ii) Construct the equation for the reaction between 
nitrogen dioxide and a cold aqueous solution of 
sodium hydroxide. 3 
(c) Suggest why each of the following nitrates is not used for the 
preparation of nitrogen dioxide: 
(i) sodium nitrate (Na AN + 
yii) copper(II) nitrate (Cu, XO,`,.3H,0), 
dii) ammonium ni (NH,NO,). i j 
(d) How is nitrogen dioxide formed during the manufacture of 
nitric acid from ammonia? x 


9. Describe briefly and write equations for reactions by which you 
could convert g: Paai 
(a) oxygen gas into a compound containing oxide ions. 
(b) hydrogen gas into a solution containing hydrogen ions, 
(c) a solution containing calcium ions into an insoluble 

compound of calcium, 7 ; 

(d) metallic iron into a solution containing Fe? ions, 
(e) sulphur into a solution containing sulphate ions, 


(f) carbon dioxide into a solution containing carbonate cis i 


10. (a) Outline the manufacture of sulphuric acid from sulphur. 
(b) Describe one reaction in which sulphuric acid behaves as a 
dehydrating agent. 
(c) Three reactions of dilute sulphuric acid can be represented 
by the ionic equations: 
(i) Mgis) + 2H*(aq) — Mg?*\aq) + H,\g) 
(ii) 2H*(aq) + CO, jaq) — H,O\1) + CO,\g) 
(iii) Cat+(aq) + SO,?>\aq) > CaSO,(\s). A 
In which one of these reactions has oxidation and reduction 
taken place? F 
ving products give one reason why they are 
1H Aana se tit (ii) lesd compounds in petrol, (iii) 


detergents. 
Give one important disadvantage of each product. 


` 12. For producing chemicals on a large scale, cheap and abundant 


supplies of raw materials are required, Some examples of such 
raw materials are: 


Air, fats, metal oxides, petroleum, sea water. 


£ NE chemical in the production of which one or 
y iA Ya Aa raw materials plays an essential part and 
describe the production of this chemical (technical details 
are not required), The raw materials) must be converted 
into other substances. NG 
briefly on the importance to society o 
o epa have selected and suggest what would be 
likely to happen ifthe raw material (s) in the list required for 
production of this chemical became unobtainable. i 
iL. 


iefly indi the factors which are likely to be taken into 

og T A lE a site for the construction of: 

(i) an aluminium-producing plant, 

(ii) an iron and steel w = 

i jorine- ucing 4 
\\ or penile are recycled after use? ke ee 
element which is recycled name one everyday object whic! 
used as a source of the element for recycling. 


Revision Questions Il 


1. Malachite is an ore of copper. In an attempt to obtain copper 
from the ore a pupil tried heating it in a test-tube. A gas which 
turned lime water milky was given off and a black powder was 
left in the test-tube. ` 


(a) The pupil thought that the black powder might be copper 
metal. What simple test could be carried out to check this? 


(b) Name the gas given off when malachite is heated. 


(c) The pupil added dilute hydrochloric acid to the black 
powder which on warming dissolved in the acid. What is 
the name of the compound in the resulting solution? 


(d) The pupil then passed an electric current through the 
solution, obtained in part (c), and copper was deposited on 
one of the electrodes. Which electrode would that be? 

(e) At the other electrode a gas was evolved and was found to 
bleach damp litmus paper. Name the gas. 


(f) The pupil could have obtained copper from the black 
powder. Describe how this could have been done. 

(g) Could he have used the same method to obtain zinc from 
zinc oxide and lead from lead oxide? 

(h) What is the mass of one mole of the black powder? 

(i) What mass of copper(II) sulphate crystals (CuSO,.5H,O) 
could be obtained from 8 g of the black powder by reacting 
with dilute sulphuric acid? 

(j) Write the ionic equation for the reaction which takes place 
at the electrode at which copper is produced in part (d). 
A current of 0-482 amp was passed through the solution for 


1000 seconds. What mass of copper was deposited on the 
electrode? 


(k) If electrolysis of the solution of the black powder in 
hydrochloric acid was continued until no further change 
took place, what changes in 
(i) the appearance, 

(ii) the electrical conductance 
of the solution would be observed? Explain the changes you 
deseribe. 


Outline how, starting with malachite in each case, you 
could obtain samples of the following substances: 

(i) copper(II) hydroxide, 

(ii) copper(II) sulphide. 


a 


2. The graph shows the results of an experiment on the reaction 


between |g of powdered chalk and 20 cm? of dilute hy- 

drochloric acid (2M hydrochloric acid) at room temperature 

(20°C). The time when the reaction started is shown as tọ and 

the finishing time as t,. 

(a) What gas would you expect to be evolved? 

(b) Atwhich time was the gas being evolved at the highest rate? 

(c) By which time was the reaction complete? 

(d) What change would you expect in the shape of the graph 
from ty to ts if 1 g of small pieces of marble had been used 
instead of powdered chalk? 

(e) Draw a diagram of a suitable apparatus you could use to 
obtain the results of this experiment. 

-(f) What shape would the graph have had if 40 cm? of M 
hydrochloric acid has been reacted with the 1 g of 


Powdered calcium carbonate in this experiment? Explain 
your answer. 
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Volume of gas 


(g) What shape would the graph have had if 20 cm? of 2M 
hydrochloric acid had been reacted with | g of powdered 
calcium carbonate at 50°C? Explain your answer. 


(h) If 1 g of powdered calcium carbonate was reacted with 
20 cm? of 2M hydrochloric acid, which reactant would be 
left over when the reaction stopped? 


(i) If 1g of Fowderes calcium carbonate was reacted with 
20 cm? of 2M hydrochloric acid, what volume of gas, 
measured at s.t.p., would be given off? 

(j) You think that a powder might act as a catalyst in the 
reaction between calcium carbonate and dilute hydro- 
chloric acid. Describe what you would do to find whether 
this is so and what would happen if it is. 


3. (a) Crude oil is a mixture containing alkanes. In a refinery it 
can be fractionally distilled to produce a number of useful 
fractions. 

(i) Write the names and molecular formulae of the first 
three members of the alkane series. 

(ii) As the relative molecular mass of the alkanes increases, 
each alkane will differ from the next in a number of 
ways. State two ways in which an alkane of a higher 
relative molecular mass will differ from an alkane of 
lower relative molecular mass. 

(iii) Name three fractions obtained from the fractional 
distillation of crude oil. 

(iv) One of the fractions obtained by distilling crude oil is 
‘cracked’. Explain why the ‘cracking’ “process is 
necessary and what ‘cracking’ means. 

(b) Butane, C,Hjo, is an example of a saturated compound. 
Ethene, C,H,, is an alkene and is an example of an 
unsaturated compound. 

(i) Draw the structural formulae of butane and ethene. 

(ii) Name the products formed if each of these compounds 

„is burned completely in a plentiful supply of air. 

(iii) Ethene quickly decolourises bromine water but 
butane has no effect on this reagent. Explain the 
reason for this, using your answer to (b) (i) to help. 

(iv) In the manufacture of margarine, vegetable oils are 
treated with hydrogen to make them into fats. 


Vegetable oils contain unsaturated compounds, while 
those in fats are saturated. Describe the reaction which 
takes place during the hardening of oils. 
(v) Unsaturated compounds, such as ethene, can be 
lymerised. Show, using structural formulae, what 
andea ‘when ethene polymerises. 
State and explain what you would expect to happen 
when polyethene is: 
(a) burned, 
(b) treated with bromine water, È x 
(c) heated to a very high temperature with no air 
è present. 7 $ 
Oil and products made from it can cause pollution 
problems. Explain why each of the following causes 
pollution of our environment: x 
(a) the incomplete combustion of petrol in a car 
engine, É 3 
(b) the throwing away of plastic bags in fields and 
ditches, SAET 
(c) the discharge of detergents into a river. 
(7.M.B.|W.M.E.B.) 


3 


dioxide 
N i 


Water added to 
form a solution 


SLAKED LIME 


4. (a) Name THREE forms in which calcium carbonate is found 
in rocks. - 
(b) How may a solid lump of A, calcium carbonate, be 
converted to B, calcium oxide? £ NEN 
¢) When a few drops of water are added to a piece of calcium 
9 oxide, slaked lime, C, is produced. — fi 
(i) Describe what you see happen in this reaction. À 
(ii) The reaction is said to be ‘exothermic’. What does this 
mean? : : ý 
(d) Ifslaked lime is added to litmus solution, the litmus solution 
t blue. : 
G). What sort of substance is slaked lime? pati 
(ii) Why does a farmer put slaked lime on the soil in his 
fields? 
(e) What is solution D? z ie 
Wh bstance A (calcium carbonate) is converted inte 
9 aaan B (calcium oxide), a gas, E, is given off. Whats 
this gas and what would you see when E is passed into D? 
(g) What is the mass of one mole of (i) calcium carbonate (ii) 
gas E? f 
(h) What mass of pure calcium carbonate would need to be 
heated to produce 2-2g of cen Maire itary 
i) Gas E also be luced fro cium carbon: 
9 adding dilute Pe aks vei acid. What volume of M 
hydrochloric acid is required to react with 10g of pure 
calcium carbonate? z 
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Bubble carbon 


(j) Outline how you would prepare the following compounds, 
starting with calcium carbonate in each case: 
(i) calcium nitrate, 
(ii) calcium sulphate, 
(iii) a solution of calcium hydrogencarbonate, 
(iv) carbon monoxide. 
(k) How would you show that the three substances you named 
in (a) are forms of the same substance, calcium carbonate? 


5. 


(a) Using only the elements whose symbols are given in the 
above extract of the Periodic Table, answer the following 
questions. ; 

(i) Give the symbols of two elements present in the same 
up in the classification. _ ? 

(ii) Give the symbols of two elements present in the same 
period in, the’classification. i 

(iii) Name the element which has the electronic structure 
2.8.4, 

(iv) Name TWO elements, the ions of which have the 
electronic structure 2.8.8. : 
Give the symbol of each ion. $ y 

(v) Name the element which is most likely to have a 
valency of 3. 

(vi) Name a transition element. ; 

(vii) Name the element, 1 mole of atoms of which would 
have the greatest mass. > 

(viii) Which element would have the highest number of 
atoms in a | g sample? 

(ix) Name a noble gas. 3 y 

~ Describe the characteristic features of the electronic 
structure of a noble gas. ; Z 

(x) Potassium is the most reactive metal listed. Explain 
this statement in terms of the structure of a potassium 
atom. 

(xi) Fluorine is the most reactive non-metallic clement 
listed, Explain this statement in terms of the structure 
of the fluorine atom. / 

(xii) Explain in terms of electronic structure why you 
would expect the elements magnesium and calcium 
to show some similarity in chemical reactions. 

State a reaction which is common to both mag- 
nesium and calcium. In each case name the 
product(s) of the reaction you have stated. 

(b) In a complete Periodic Table the element barium (Ba) 
appears below calcium in the same vertical column. 

G Will the element be more likely to form an ionic 

chloride or a covalent chloride? 

(ii) What is the formula of barium chloride? 

(c) In a- complete Periodic Table the element selenium (Se) 
appears below sulphur in the same vertical column. — 

tj Will the element be more likely to form an ionic 

hydride or a ponet onder Hae) 

ii is the formula of selenjum hydride? 

8) oar (7.M.B./W.M.E.B.) 


6. Metals can be obtained from their ores in a number of ways. 
The following two methods are frequently used. 
Method 1 Electrolysis ofa molten compound of the metal, e.g. 
in the extraction of sodium, magnesium and aluminium, 
Method 2 Reduction of an oxide of the metal using carbon, 
e.g. in the xtraction of zinc, iron and lead. 
(a) (i) Explain why the methods are used for the metals 

named. 


(ii) Tron can be formed at an electrode during electrolysis. 
Explain why it is preferable to reduce iron(III) oxide 
in a blast furnace. 

` (b) Iron ore, coke and calcium carbonate are fed into the top of 

a furnace and a blast of hot air is forced in through pipes at 

the bottom of the furnace. The calcium carbonate is used to 

remove acidic impurities which are present in the iron ore. 
(i) Name the gas which acts as the reducing agent in the 
blast furnace. 

(ii) State the reactions which occur leading to the 

formation of the reducing agent. 
Write the equation for the reaction between the 
reducing agent and iron(III) oxide. 

(iv) Name one acidic impurity present in iron ore. 

(v) What products are formed when calcium carbonate is 
heated in the blast furnace? 

(vi) State, giving an explanation for your answer, which 
one of the decomposition products of calcium car- 
bonate will react with the acidic impurity. Give the 
chemical name of the product of the reaction 

(c) Magnesium is produced by the electrolysis of molten 
magnesium chloride. 

(i) Write the ionic equation for the formation of the 

magnesium during the electrolysis. 

(ii) Name the other product of this electrolysis. 

(iii) Magnesium chloride solution undergoes electrolysis at 
room temperature. Explain why this mgthod cannot 
be used for the extraction of the magnesium. 


(iii 


(d) The element titanium is a metal which occurs naturally as 
titanium(IV) oxide, TiO,. In the extraction of this metal, 
the oxide is mixed with carbon and heated in a stream of 
chlorine, producing titanium(IV) chloride and carbon 
monoxide. 

The titanium(IV) chloride is converted into titanium by 
reacting it with sodium in an atmosphere of argon. 

(i) Write the equation for the reaction between 
titanium(IV) oxide, carbon and chlorine. 

(ii) Why is an atmosphere of argon necessary in order to 
carry out the reaction between sodium and 
titanium(IV) chloride? 

(iii) Name another metal which could be used in place of 
sodium. 

(iv) Calculate the mass of sodium which is theoretically 
required to produce 96 tonnes of titanium, 
Equation TiCl, + 4Na > Ti + 4NaCl 
Relative atomic masses Na = 23 Ti = 48, 
(7.M.B.]W.M.E.B.) 


7. (a) Bromine dissolves in water forming a reddish-brown 


softion. A dynamic equilibrium which can be represented 
by the following equation is obtained: 
Bra(aq) + H,O(l), = H+(aq) + Br-(aq) + HOBr(aq) 
reddish-brown . colourless 
(i) What is the meaning of the sign = ? 


(ii) Explain what is meant by the term ‘dynamic 
equilibrium’, 3 


Zinc 
sulphate 
solution 


Silver 
nitrate 
solution 


Test-tube 1 Test-tube 2 


Test-tube 3 Test-tube 4 


(iii) What would happen to the colour of the equilibrium 
mixture if a little more water was added to it? 

(iv) Explain why the addition of an alkali to the equilib- 
rium mixture would produce a colourless solution. 

(v) What change would occur, if any, when excess dilute 
hydrochloric acid is added to the colourless alkaline 
solution produced in (a) (iv)? 

(b) The gas methylamine (CH,NH,) dissolves in water forming 
an equilibrium: 
CH,NH,(g) + H,O(1) = CH,NH,*(aq) + OH~(aq) 

(i) Describe one simple test you would carry out to show 
that methylamine which is dissolved in water behaves 
in this way. 

(ii) The solution obtained is a very poor conductor of 
electricity. What does this indicate about the com- 
position of the equilibrium mixture? 

(iii) Name a substance which, when added to the mixture, 
would cause the position of equilibrium to move 
towards the left. 

Give an explanation for your answer. 

*(iv) In view of your answers to (b) (iii), suggest how 
methylamine may be obtained, most efficiently, from 
the salt methylammonium chloride CH,NH,*Cl-. 

(c) Methanol (CH,OH) is manufactured by the reaction 
between carbon monoxide and hydrogen at a temperature 
of 300°C and a pressure of 300 atmospheres: 

cog) + 2H,(g) = CH,OH (g) AH = —90 kJ mol-! 

(i) Explain why a high pressure increases both the 
percentage of methanol in the equilibrium mixture 
and the rate of reaching equilibrium. 

(ii) What two main factors are likely to determine the 
choice of 300°C as the most suitable temperature? 
(iii) State one other way in which the yield of methanol 
can be increased at a constant temperature and 
pressure, 
(7.M.B.|W.M.E.B.) 
8. The following is a list of metals in order of reactivity, the most 
reactive being first in the list: 

sodium, calcium, magnesium, aluminium, zinc, iron, tin, lead, 

copper, silver. 

Use this series to help you answer the questions asked. 

(a) Which metal will react quickly with cold water to produce a 
solution with a pH value greater than 7? 
Name the gas given off during the reaction. 
(b) Magnesium reacts vigorously with dilute hydrochloric acid 
producing a gas, but copper does not react with the acid. 
(i) Write the equation for the reaction of magnesium with 
hydrochloric acid. 
(ii) In the equation in (b) (i) hydrogen ions are reduced. 
Explain what this means, 

(c) Some metal oxides react when heated with carbon at the 

temperature of a Bunsen flame. 

Choose from copper(II) oxide, lead(II) oxide and mag- 

nesium oxide in answering the following questions. 

(i) Which oxide would be reduced to a reddish-brown 
powder? 


Zine 


Magnesium 
sulphate 
solution 


Silver 
nitrate 
solution 


(ii) With which oxide would there be no reaction? 
(iii) Write an equation for the reduction of one of the 
oxides listed by a gaseous non-metallic element. 


(d) Study the diagrams: 


In which test-tube(s) do the following occur? 
(i) Zinc atoms become zinc ions. 
(ii) Silver ions (Ag+) become silver atoms. 
(iii) There is no chemical change. 
(iv) Metal atoms are oxidised. s 
(v) Write an ionic equation for one reaction from any 
tube, 
e) A piece of zinc briefly dipped into copper(II) sulphate 
a EN reacts more quickly with dilute sulphuric acid than 
when the zinc is pure. The surface of the zinc after dipping 
into copper(II) sulphate solution and then placing in the 
dilute acid can be pictured as: 


Zinc Zinc 


Surface of 
the zinc 


Copper 


i) Wh aie there areas of co] on the zinc surface? 
& Thezine corrodes and bub les of hydrogen are given 
off at the surface of the copper. 5 
Use equations involving electrons to explain what 
happens to zinc atoms in the chemical change and 
what happens to the hydrogen ions undergoing 
chemical change in the acid. ‘ 
tal plates, one of tin and the other zinc, were 
g aa wi voltmeter and then placed in a solution of 
dilute hydrochloric acid. Hydrogen was evolved from the 
tin and the zinc passed into solution as ions. Initially a 
voltage of 0-5 V was shown on the meter, but this value 
idly decreased. h : 
$ Enak why the zinc, rather than the tin, passes into 
(ii) eii E taking placeat the surface of the 
tin, :esulting in the sera ot hydrogen gas. 
iii i the voltage rapidly decreases. 
E irl SAET which the rate of decrease of 
oltage could be reduced. 5 
(v) Name a metallic element, in each case, which ey 
be used to produce an initial voltage bigger than 0:5 
by replacing the tin plate only, and then by replacing 
the zinc plate only. . i 
(g) Aluminium ra be used Jareplace ametal, chromium, from 
its oxide. The equation for the reaction is 
2Al + Cr,O, > Al,O, +'2Cr. 
ium when hot will react with steam. | 
Explain why, in spite of the information given, one of 
th emea pertiesofaluminium makes it a better 
meea than chromium to use in the manufacture of 
(ii) $ Namate product formed when hot chromium reacts 


*. with steam. (J-M.B.|W.M.EB.) 


s ing table concerning the family of 
Su) @) pry pest halogens. There are five 
7 omissions. 
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NAME OF STATE AT ROOM ATOMIC | ARRANGEMENT 
HALOGEN TEMPERATURE NUMBER | OF ELECTRONS 


Chlorine 17 
+ 
liquid 2.8.18.7 


Todine 53 2.8.18.18.7 


Use the table to help you answer the following questions; 

(i) How many protons are there in a chloride ion (am 

(ii) How many electrons are there in an iodide ion (I~)? 
(b) Dutch metal is a very thin sheet of arf alloy of zinc and 
copper. It bursts into flame when dropped into chlorine. 
(i) Name the two products of the reaction, 

(ii) Under the same conditions, would you expect the 
reaction between Dutch metal and bromine vapour to 
be more, less or equally vigorous? Row se 

(iii) Which of the two halogens, chlorine and bromine, is 
the more powerful oxidising agent? i 

(c) Read through the passage and then answer the questions 
asked. i 


oily colourless liquid (A) was added to some sodium 
EUER A misty as (B) was given off which turned damp 
litmus paper (or Universal Indicator paper) red?When gas 
B is dissolved in water and treated with silver nitrate 
solution, a white precipitate (C) is produced. 
(i) Name thegasB. 
(ii) Name the white precipitate C. 
Write an equation for the reaction between the 
solution of gas B and silver nitrate solution, 
(iii) Name the colourless liquid A. s z 
(iv) Name the gas which would be given off if a piece of 
magnesium ribbon were placed in a solution of gas B. 
Name the salt which would be left in solution after the 
ction. YAS 
(v) Ian oxidising agent is mixed with liquid A and 
sodium chloride, a gas is given off which bleaches 
damp indicator paper. (Heat may be necessary.) 
Name the gas and a suitable oxidising agent. Explain 
why the substance is said to be acting as an oxidising 
at hloridi i 
il was asked to grind some sodium chloride crystals 
re a iine VEA out one tenth ofa mole and 
introduce it into a length of glass tubing, closed at one end. 
He repeated the procedure with one tenth of a mole of 
sodium iodide (Nal), using glass tubing of the same cross- 
sectional area. The height of the sodium iodide powder was 
greater than the height of the sodium chloride powder after 
each tube had been tapped to settle the powder. 
(i) What fraction of a mole of sodium ions is there in the 
tube containing sodium chloride? FS 
(ii) What fraction of a mole of iodide ions is there in the 
tube containing sodium iodide? 5 
(iii) What does the experiment suggest about the relative 
sizes ofa chloride and an iodide ion? Explain how you 


deduce your answer. OMBIW.MEB.) 


i in. be obtained in the laboratory by removing 
ie Peis foa from the air (a suitable apparatus is shown 
in the diagram), or by heating laboratory chemicals. 


(i) Give the chemical name of solution A which removes 
bon dioxide from the air. pen 3 
(ii) Name thesalt formed when carbon dioxide reacts with 
lution A. z 
(iii) Nimede element which is removed from the air by 
t T. . 
(iv) Waited e equation for the reaction between copper 
and the element you named in (iii). 
(v) The gas collected in the gas jar will not be pure 
nitrogen. Assuming that all the carbon dioxide and all 
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the gas you have named in (iii) a 
re removed, 
Gane znd fee apauni which will be neat is 
z es in the gas jar with nitrogen. 
(vi) ane a laboratory chemical or EEEE OE chemicals 
ae wl lich will produce nitrogen when heated. 
ome nitrogenous fertilisers contain ammoni: i 
PAANO, Nitrogen compounds are required for the 
5 Teodore of plants and animals. z 
A 7 z 
i within the Plan of compound is the nitrogen converted 
ìi) Describe the natural processes by i i 
I y which th 
(iy i the plants may be eventually returned tothe soil. 
i) Inview ofyour answer to (ii), why isit necessary to use 
, Dan fertilisers such as ammonium nitrate? 
(iv) Ifsome of the fertiliser containing ammonium nitrat 
is warmed with a solution P, a gas Qis given off which 
ae ane red litmus paper blue, ; 
al 
i ne gas Q and the substance contained in 
Why would it not be advisab! i 
y c le to l il im- 
(vi) Wan any ane ammonium hitite erences 
ie following would contain the larg 
NTAS of nitrogen, 1000 kg of Te ahe 
a NOs, or 1000 kg of urea, CO(NH,),? Show h 4 
_ you deduce your answer, a oe 
(c) Nitrogen is produced 
copper II) oxide. 
W Name two other products of th i 
(ii) Which reactant i Ha deen Gh 
rhe ents the reducing agent? Give a reason 


(d) Paaa fo sample ae now the arrangement of the 
a mole i i 
number of nitrogen is 7 and E Rra qs aomi 


(J.M.B.|W.M.E.B.) 


trogen 


(v 


when ammonia is passed over heated 


Sulphur Eon 
dioxide 


Concentrated 


sulphuric acii 
Opes phuric acid 


Concentrated 
sulphuric acid 


White, silky, 
needle-like crystals 


Freezing mixture < 


11. (a) Study the following diagram of a laboratory experiment: 
(i) What is the 
a) KE 
i) Name the white needle-like 
Aar 3 crystals formed. 
i Meare equation for the reaction producing the 
(iii) Name substance x). 
r at is the reason for using subs 
y ioe is the anhydrous alda TSHA 
v) at is the purpose of the freezing mixture? 


(b) The damage done in the United Kingdom as a result of 


purpose of the concentrated sulphuric 


ENS i phur are pollutants. 

j aay ‘© some power stations produce sulphur diox- 

(iii) Why could a Process to recov: 
of economic value as well 
pollution? 


Read thi i 
a e following passage and then answer the questions 


Sulphur has two crystalli 
Pi FEFE AER rystalline allotropes with densities 
oe 96 g cm, Both allotropes consist of S, 
e transition temperature of these twi i 
si e allı r, 
r ea points of the allotro) AA fairly low “as 
& oa two crystalline allotro of sulphur 
ARS tt cans contains S, molecules, why are 
w dierent erent shapes and why are their densities 
iii y are the melting points of th 
r e allotro; ? 
(iv) Mii 1s meant by the statement that Be tei 
ive pel ila of the allotropes is 96°C? 
no! i 
er form of sulphur is known as Plastic sulphur. 


(i) Describe h 
ae ‘ow you would prepare a sample of plastic 


(ii) Why is this form called plastic sulphur? 


(ii) How 
re sulphur”. the sulphur atoms arranged in plastic 
1v) How do the properties of plastic 
‘ p sulph 
standing? What is the ads for she eager oi v 


(J-M.B:|W.M.E.B.) 


er the sulphur dioxide þe 
as a means of reducing 


(c) 


Substance X Anhydrous 


calcium chloride 


Index 


Accumulators 189 
Acetic acid, see ethanoic acid 
Acetylene, see ethyne 
Acidic oxides 78, 118 
Acid salts 116 
Acids, 
properties 112, 168 
strength 115, 215,347 
tests for 114 
Addition reactions 334 
Air, 72 
composition 77 
fractional distillation 77 
liquid 77 
pollution 8 - 
solubility in water 86, 97 
Alcohols 344 
Alcohol, see ethanol 
Alkalis, 113, 118 
strength 1/5, 215, 363 
Alkali industry 309 
Alkali metals 121, 124, 145 
Alkanes 327, 323, 333,335 
Alkenes 333, 336 
Alkyl groups 324 
Alkynes 333, 340 
Allotropes, 156 
carbon 156, 300, 303 
sulphur 279 
Alloys 250 
Alpha-particles 100, 132, 136 
Alumina, see aluminium oxide 
Aluminium 127 
extraction 24] 
ore 236, 242 
properties 166, 169, 190 
uses 233, 241 
Aluminium hydroxide 119 
Aluminium oxide 1/9, 168, 184, 190, 242, 310 
Amino acids 355 
Ammonia, 255, 312 
bonding in 147 
diffusion 23 
manufacture 173, 211, 357, 359 
preparation 364 
properties 362, 365, 371 
shape of molecule 151 
uses 361 
Ammonia-soda process ,3/1 
Ammonia solution 113, 116, 148, 362 
Ammonium carbonate 305 
Ammonium chloride, 22, 255 
thermal dissociation 366 
Ammonium hydroxide, see ammonia 
solution a 
Ammonium ion /. 
‘Ammonium nitrate 357, 360, 371, 377, 378 
Ammonium nitrite 379 
Ammonium phosphate 361 
Ammonium salts, 
properties 
test for 364 
Ammonium sulphate 291, 357, 360 


‘Amphoteric oxides 119 
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Anaesthetic 376 
Anhydrite 288 
Anions 56 
Anode, 56, 178 
sacrificial 192 
Anodising 183, 241 
Antifreeze 338 
Antiknock 85, 239, 332, 337 
Argon 145 
Atom 27, 32, 129 
Atomic, 
lattice 157 
number 126 
structure 130 
theory 32, 42 
volume 124 
weight, see relative atomic mass 
Avagadro constant 34, 44 
Avogadro’s hypothesis 42, 211, 360 


Bacteria 6, 100, 114 
Baking powder 306 
Barium chloride 293 
Barium nitrate 293 
Barium sulphate 293 
Bases 112 
Basic oxides 79, 118 
Basic oxygen process 248 
Basicity of acids 1/6 
Batteries 186, 188 
Bauxite 236, 242 
Becquerel, Henri 130 
Beer 344 
Bessemer converter 248 
Beta-particles 130, 136 
Bicarbonates, see 
hydrogencarbonates 
Biochemical oxygen demand, (BOD) 98 
Biotechnology 333, 358 
Bismuth(III) chloride 208 
Blast furnace 246 
Bleaching, 230, 262, 319 
powder 263 
Blood 2, 83, 307, 357 
Bohr, Niels 139 
Boiling point 6, 13, 26 
Bonding, 
coordinate 148 
covalent 146 
dative, see coordinate 
double 334, 336 
ionic 145 
metallic 761 
triple 334, 340 
Boyle’s law 37 
Bragg, William and Lawrence 155 
Brass 10, 250 
Breathing 83 
Brewing 344 
Brine 253 
Bromides 262 
Bromine, 269, 334 
diffusion 22 
uses 269 
Bronze 233, 250 
Brown ring test 377 
Brownian motion 24 
Bunsen burner 87 
Burning 72, 81 
Butane 322 


Caesium chloride 156 

Calcium 94, 96, 104, 166, 169 
Calcium carbonate 102, 305, 310, 312 
Calcium chloride 100, 146 

Calcium dicarbide 340 


Calcium hydrogencarbonate 103, 306 
Calcium hydroxide 103, 309, 310, 364 
Calcium nitrate 377 
Calcium oxide 207, 38 
Calcium silicate 246, 315 
Calcium sulphate 102, 116, 288 
Calgon 106 
Calorie 2/3 
Calorimetry 2/4 
Camping gas 336 
Candle, burning 2 
Carbohydrate 83, 30], 357 
Carbon, 300, 321 
allotropes 156, 300, 303 
chains 32/, 325 
cycle 300, 355 
dating 135 
properties 302 
uses 302 
Carbon dioxide, 83, 300, 303 
bonding in 152 
diffusion 23 
preparation 303 
properties 303 
shape of molecule 152 
test for 310 
uses 303 
Carbon monoxide, 173 
pollution by 85 
preparation 294, 307 
properties 307 
Carbonates 1/6, 305 
Carbonic acid 103, 304 
Carbon tetrachloride, see 
tetrachloromethane 
Carboxylic acids 347 
Castiron 246 
Castner-Kellner cell 3/7 
Catalysis 237 
Catalysts 129, 211, 212, 231, 337, 348, 367, 371 
Catenation 327 
Cathode 56, 178 
Cathode rays 137 
Cations 56 B 
Caustic soda, see sodium hydroxide 
Cells, 
Daniell 188 
primary /87 
storage 189 
Cement 310 
Chadwick, James 133 
Chalk 103 
Change, 
chemical 2 
ofstage 25 
physical 2 
Charcoal 112, 245, 249, 302, 307 
Charges onions 54, 6/, 62 
Charles’ law 37 
Chemical, 
combination 37 
change 2 
Chlorates 26 
Chlorides, 
solubility of 1/6 
test for 257 
Chlorine, 253 
bonding in 146 
manufacture 3/6 
preparation 258 
properties 174, 259 
uses 100, 264 
Chlorine water 263 
Chloroform, see trichloromethane 
Chloromethane 325 
Chlorophyll 30/ 


Chromatography 2, 16 
Chromium plating 182 
Citric acid 1/4 
Coal. 80. 173. 249. 300. 308. 328. 332 
gas 81. 301. 308, 328 
tar 308 
Cobalt 137 
Cobalt chloride 95 
Coke 81. 246. 249, 301, 308, 329 
Colour, 129 
offlames 718 
Combined gas equation 39 
Combining masses 35, 64 
Combining ratios 60 
Combining volumes +7 
Combustion. 72 
heat of 2/5 
Common salt, see sodium chloride 
Complex ions 120, 148, 364 
Compound 5 
Concentrations, 
effect on equilibria 208 
effect on rates 224 
Concrete 310 
Conductance 5/ 
Conductors 57 
Conservation of, 
energy 139 
mass 32 
Tesources 235, 332 
Constant composition 32 
Contact Process 85, 2/2, 268 
Coordinate covalent bond /48 
Copper 129, 190 
extraction 249 
ore 236 
Properties 73, 74, 166, 169, 294, 373, 376 
Purification 187 
uses 189, 237 
Copper(II) carbonate 305 
Copper(II) chromate(VI) 52 
Copper(II) hydroxide 364 
Copper(II) nitrate 100, 377 
Copper(II)oxide 100, 112, 174, 366 
Copper pyrites 236, 249 
Copper(I!) sulphate, 100, 101, 148, $67 
crystals 707, 154, 293 
electrolysis 787 
Copper(II) sulphide 282 
Corrosion 190 
Coulomb 53 
Covalent, 
bond 1/46 
compounds 748 
crystals 156 
Cracking 337 
Crude gil 330 
Cryolite 242 
Crystallisation, 
water of /0/ 
Crystals, 753 
covalent 156 
ionic 155 
metallic 160 
molecular 158 
Cubic close-packing /62 
Curie, Marie 130 
Cyanamide process 359 


DDT %5 i 
Dalton’s Atomic Theory 32, 42, 130 
Daniell cell 188 

Darby, Abraham 246 

Dative bond, see coordinate bond 
Davy, Humphry 55, 187, 375 
Decomposition, thermal 377 


Decrepitation 378 

Definite proportions 32 

Dehydrating agent 293 

Deliquescence 100 

Density 24 

Desiccator 100 

Detergents /, 98, 106, 351 

Devarda’s alloy test 377 

Diamond 136, 302, 303 

Diaphragm cell 3/8 

Diatomic molecules 43, 270 

Dibromoethane 269 

Dichloroethane 326, 341 

Dichloromethane 326, 334 

Diffusion 22 

Dinitrogen oxide 376, 378 

Dinitrogen tetroxide 211, 375 

Disinfectant 265 

Displacement reactions 167 

Dissociation 366, 375 

Dissolving 10 

Distillate 13 

Distillation, 13, 105 
destructive 329 
fractional 13, 330, 345 

DNA 356 

Dobereiner, Johann 123 

Dolomite 236, 241 

Double bond 333, 336 

Down's cell 240 

Dry battery 189 

Dry cleaning 264 

Dyes 7, 230 

Dynamic equilibrium 206 


Economic factors 239 
Efflorescence 102 
Effluent 240 
Electricity, 
conduction 57 
quantity 53 
sources 186 
Electrochemical series, see reactivity series 
Electrode, 52 
reactions 178, 198 
Electrolysis, 56, 178, 198 
of molten electrolytes 179 
of aqueous solutions /80 
summary of products 184 
uses 183 
Electrolyte 56, 144 
Electron, 
discovery 137 
moles of 179 
pairs 749. 151 
transfer 195 
Electronic configuration 741 
Electroplating 783 
Electrovalency, see ionic bonding 
Elements, 3, 122 
abundance 234 
classification 723 
Empirical formula 35 
Endothermic reactions 204 
Energy, 


consumption 337 

ionization 140 

levels 139 

nuclear 137 

sources 332 
Enthalpy, see heat changes 
Enzymes 301, 344, 356 
Equations, 64 

balanced 65 


determination of 65 
Equilibrium, 
dynamic 206 
Position of 208 
Esters 348 
Ethane 322, 333 
Ethane-/, 2-diol 338 
Ethanedioic acid 1/4, 222, 204 
Ethanoic acid 1/4, 115, 325, 345, 347 
Ethanol, 12, 14, 323, 324, 337 
production by fermentation 344 
properties 345 
uses 345 
Ethene, 333 
manufacture 332 
polymerisation 338 
preparation 336 
Properties 336 
uses 336 
Ether, see ethoxyethane 
Ethoxyethane 2/, 24, 324 
Ethyl ethanoate 348 
Ethylene, see ethene 
Ethylene glycol, see ethane-/, 2-diol 
Ethyne 264, 333, 340 
Evaporation 77 
Exothermic reactions. 204 
Explosives 173, 371 
Extractions of metals 238 


Face centred cubic close-packing J62 
Families of elements 122 s 
Faraday, Michael 55 
Faraday, 55, 179 

laws 55 f 
Fats 347, 349 
Fatty acids, see carboxylic acids 
Fermentation 14, 344 
Ferric compounds, see iron(I11) compounds 
Ferrous compounds, see iron(III) compounds 
Fertilisers 1, 97, 354, 361 
Fibres 349 
Filtration 77 
Fire, 

control of 87 

extinguishers 84, 304 

Fission, nuclear 138 
Fluorospar 272 
Fluorides 272 
Fluorine 272 
Food, 2, 83, 355, 357 

additives 357 
chain 318, 358 
Preservation 78, 288, 258 

Formic acid, see methanoic acid 

Formula, 60 
construction of 67 
empirical 35, 45 
molecular 45 
structural 323 

Fossil fuels 85, 300, 328, 329, 332 . 

Fountain experiment 255 

Fractional crystallisation 75 

Fractional distillation 13 

Frasch process 278 

Fréezing point 6 

Freons 273 

Fuels 87, 85, 300, 308, 328, 329, 332 

Functional groups 32¢ 

Furring of pipes 103 


Galena 154, 236, 249 
Galvani, Luigi 185 
Galvanised iron 88, 160, 191 
Gamma radiation 130, 136 
Gas, 27,24 


combining volumes #/ 
density 43 
diffusion 22 
laws 37,39 
Gay-Lussac 41 
Geiger 132, 33 
General reactions 193 
Geology 235 
Gibbs diaphragm cell 3/8 
Giant structures 157 
Glass 309 
manufacture 3/5 
recycling 3/5 
Glucose 83, 293, 301, 344 
Glue 3 
Glycerol, see propane-/, 2. 3,-triol 
Glycine 356 
Glycol, see ethane-/, 2,-diol 
Gold 165, 234 
Graphite 154, 300, 302, 303 
Group 126, 128 
Gypsum 102 


Haber, Fritz 359 
Haber Process 173, 211, 359 
Haematite 235, 245 
Haemoglobin 307 
Half-cell 188 
Half-equation 196 
Halides, 269, 271 
electrolysis 272 
Halogens, 122, 132, 145, 269 
differences 270 
preparations 269 
properties 270 
trends 272 
Hard water, 102 
advantagees 104 
disadvantages 103 
methods of removal 103, 104 
Heat changes, 
measurement of 2/2 
Heat of, 
combustion 2/5 
neutralisation 2/5 
Helium 130, 171, 329 
Hexagonal close-packing /6/ 
Homologous series 322 
Hydrated crystals /0/ 
Hydrocarbons 8/, 85, 301, 321, 330, 331 
Hydrochloric acid, 
preparation 256 
properties 168, 256 
Hidrogen, 92 
bonding in 147 
diffusion 23 
ions 1/3 
manufacture 173 
preparation 172 
properties 174, 260 
rate of production 224 
test for 172 
uses 171, 333 
Hydrogenation 337 
Hydrogencarbonates 305 
Hydrogen bromide 270 
Hydrogen chloride, 
bondingin 147 
diffusion: 22 
manufacture 264, 3/8 
preparation 208, 253, 270 
properties 254 
uses 264 
Hydrogen peroxide 78, 199, 282, 286 
Hydrogen sulphide, 329 
preparation 28] 
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properties 262, 282 
Hydrolysis of esters 349 
Hydroxide ions 1/3 
Hydroxonium ion 1/3, 149, 372 
Hygroscopy 100 
Hypochlorites 263 
Hypoclorous acid 263 


Ice 158 
Igneous rocks 235 
Immiscible liquids 75 
Indicators 1/4 
Inert gases. see noble gases 
Insecticides /. 358 
Insoluble salts, 1/6 
preparation 1/7 
Insulators 57 
Todides 262. 269 
Iodine, 269 
crystal structure 759 
radioactive 137 
uses 269 
Tons 52, 178 
Ion exchange 105 
Ionic. 
bonding 745 
charges 34, 61. 62 
compounds 148 
crystals 755 
half-equations 196 
lattice 145, 155 
Tonisation energy 140 
Iron, 5, 78, 180 
extraction 245 
ore 235 
properties 166, 167, 206 
protection 88, 160, 191 
rusting 66 
Tron(II) chloride 267 
Tron(II) iron(II) oxide, seetiron 
oxide, magnetic 
Tron(II) sulphate 374, 377 
Tron(II) sulphide 6. 64. 287 
Tron(III) chloride 260, 283, 287 
Tron(III) hydroxide 267. 363 
Iron oxide, magnetic 166, 206, 236, 245 
Tron(IHI) oxide 88, 245, 264 
Iron(III) nitrate 378 
Isomerism 323, 325 
Isotopes, 134 
radioactive 135 


Joule 84, 213 


Kaldo process 249 
Kelvin 37 
Kinetic theory of gases 


Lactic acid 174 
Lattice. 
atomic 158 
covalent 156 
ionic 135 
molecular 158 
Lavoisier, Antoine 76, 83 
LD process 249 
Le Chatelier 2/0, 289, 260. 364 
Lead, 
extraction 249 
ore 236 
pollution 86 
properties 167, 168, 169 
uses 240 
Lead accumulator 189 
Lead(II) bromide 52, 53, 178 
Lead(II) chloride 257 


Lead (II) ethanoate 282 
Lead(II) hydroxide 119 
Lead(II) nitrate 283. 377 
Lead(II) oxide 115, 174, 303 
Lead(II) sulphate 777 

Lead(II) sulphide 249, 282 
Lead(IV) oxide 259 

Lead dioxide, see lead(IV") oxide 
Lead monoxide, see lead(II) oxide 
Leguminous plants 356 
Lemonade 75,303 

Light 229, 263 

Lime 3/0 

Lime water 83. 304, 306 

Limekiln 3/0 

Limestone 102. 103. 207, 246, 309 
Liquefaction of air 77 

Liquids 21. 24 

Lithium 
Litmus 79. 1/4 

Location of industry 239, 243, 249 
Lone pair of electrons /44 
Lothan Meyer. Julius 123 
Lubricants 33/ 


Magnesium. 73 
extraction 240 
occurrence 236 
properties 166, 168. 375 
uses 241 
Magnesium carbonate 21, 305 
Magnesium chloride 240 
Magnesium oxide 35. 1/2 
Magnesium nitrate 378 
Magnetic properties /29 
Magnetite 236. 245 
Manganese(IV) oxide 78. 259. 264 
Marble 236 
Margarine 338 
Marsden 137 
Masses of reactants and products 67 
Mass number 135 
Mass spectrometer 34 
Medicines /, 78. 358 
Melting point 6.25 
Mendeleev, Dimitri 125 
Mercury cell 3/6 
Mercury (I1) chloride 36 
Mercury (II) oxide 75, 78 
Mercury pollution 3/7 
Metabolism 83 
Metals, 4, 79, 127, 165, 233 
bonding in /67 
costs 234 
crystals 160 
differences 119. 165, 198 
extractions 238 
importance 233 
occurrence 233 
ores 235 
production and consumption 233, 236 
properties 112. 117. 119. 166, 196. 372 
reactivities 165, 167, 168, 197 
recycling 237 
uses 233, 240, 241, 250 
Metal carbonates 772, 117, 372 
Metal hydroxides 772, 1/7, 205 
Metal nitrates 376 
Metal oxides 112, 117, 118, 119, 204, 372 
Metallurgy 250 
Metamorphic rocks 236 
Methane, 173, 321, 329, 335 
shape of molecule 150,322 
Methanol 324 
Methanoic acid 294, 347 
Methoxymethane 323, 324 _ 


Methyl orange 114 
Minerals, 235 
conservation 235 
Mixtures 2,5 
Miscible liquids 15 
Molar volume 44, 68 
Molarity 64 
Moles, 34, 63 
ofelectrons 779 
Molecules, 42, 63 
shape of 150 
Molecular, 
crystal 154 
formula 45, 323 
lattic 158 
Molecular weight, see relative 
molecular mass 
Monoclinic sulphur 230 
Monomers 338 
Moseley, Henry 126, 132 
Multiple proportions 33 


Natural gas 87, 173, 300, 301, 329 
Naphtha 173, 331 
Naphthalene 72, 159 
Negative ions 53, 54, 143 
Neon 77, 145 
Neutralisation, 1/3 
heat of 215 
Neutron 133 
Newlands, John 123 
Nitrates, 
action of heat 377 
solubility of 1/6 
test for 375, 377 
Nitric acid, 
manufacture 173,370 
preparation 208, 372 
properties 37/ 
uses 371 
Nitrites 379 
Nitrogen, 77 
bonding in /47 
cycle 356 
industrial production 78 
liquid 78 
oxidation states of 379 
uses 78 
Nitrogen fertiliser 357 
Nitrogen dioxide, 6, 211, 356, 372, 375 
pollution by 86 
Nitrogen monoxide 41, 356, 371, 375 
Nitrous oxide, see dinitrogen oxide 
Noble gases 127, 142, 145 
Normal salts 1/6 
NPK fertiliser 360 
Nomenclature, 
inorganic compounds 199 
organic compounds 325 
Non-conductors 5/ 
Non-electrolytes 56, 146 
Non-metals 4, 73, 118, 127, 197 
Non-metal oxides 1/8 
North Sea gas and oil 279, 329 
Nuclear, 
atom 131 
bomb 138 
energy 137, 332 
fission 138 
reactions 136 
Nucleus 132 
Nutrition 84, 357 


Octadecanoic acid 26, 102, 350 
Octane number 335 
Oil, 13, 81, 280, 301,278 
‘refining 330 
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Order of reactivity 168 
Ores 235 
Organic chemistry 320 
Oxalic acid, see ethanedioic acid 
Oxidation 194 
Oxidation numbers 198 
Oxides, 27 
acidic 79 
amphoteric 1/9 
basic 79 
neutral 377 
Oxidising agents, 195 
test for 200 
Oxonium ion, see hydroxonium ion 
Oxygen, 94 
bonding in 747 
biochemical demand 98 
discovery 75 
dissolved in water 97 
industrial production 77 
preparation 77 
properties 79 
test for 76 
uses 78 
Oxy-acetylene cutting and welding 78, 340 
Ozone 100 


Paint 1, 297 
Paper 288 
Particles, 
evidence for 20 
fundamental 133 
movement of 27, 24 
size of 26 
Passivity 374 
Pencils 156, 300 
Periodic Table 123, 141 
Period 126, 128 
Permanent hardness 102 
Pesticides 265, 258 
Petrol 82, 85, 332, 335 
Petroleum 173, 300, 330 
pH scale 114 
Phenolphthalein 125 
Phosphate fertiliser 360 
Phosphorous, 
chlorides 260 
Photochemical reactions 230 
Photography 230 $ 
Photosynthesis 84, 230, 300 
Physical change 2 
Pig iron 246 
Plants 84, 300, 356 
Plastics 7, 32/, 338 
Plastic sulphur 280 
Polarisation 188 
Poles of cells 187 
Pollution by, 
carbon monoxide 85 
detergents 98, 352 
fertilisers 98 
lead 86 
mercury 3/7 
nitrates 98 
nitrogen oxides 8&5 
oil 352 
plastic products 339 
Phosphates 98, 352 
radioactive waste 138 ~ 
sewage 97 
smoke &, 138 
sulphur dioxide 85, 138, 285 
Pollution of, 
air 85, 287, 328 
water 97, 317, 352 
Polyester 349 


Polyethene 338 

Polymerisation 338 

Polystyrene 338 

Polythene, see polyethene 

Polytetrafluoroethene (PTFE) 273 

Polyvinyl chloride (PVC) 174, 264, 338, 339 

Positive ions 53, 54, 142 

Potassium 166, 169 

Potassium bromide 27] 

Potassium chlorate 264 

Potassium chloride 744 

Potassium dichromate (VI) 199, 283, 287, 346 

Potassium fertiliser 360 

Potassium hydroxide 1/3 

Potassium iodide 200, 271, 379 

Potassium manganate(VII) 20, 51, 98, 200, 222, 
259, 283, 287 

Potassium nitrate 378 

Potassium nitrite 378 

Potassium permanganate, see 
potassium manganate(VII) 

Potassium thiocyanate 267 

Precipitate 1/7 

Pressure, 37, 38 
effect on equilibria 209 

Priestly, Joseph 75, 303, 376 

Producer gas 173, 308 

Propane 322, 334, 335 

Propane-l, 2, 3-triol 350 

Propanol 326 

Propene 329 

Propyne 334 

Protection ofiron 88, 160, 191 

Protein 355 

Proton 132 

Pure substance 6 


Quicklime 207, 309 


Radioactive, 
dating 136 
decay 130 
Radioactive isotopes, 
uses 135 
Radioactive tracers 137 
Radioactivity 130 
Radiotherapy 137 
Radium 130 
Rainfall 93, 96 
Rain-water 96 
Rare gases, see noble gases 
Rate of reaction, 227 
effect of catalysts 237 
effect of.concentrations 224 
effect oflight 229 
effect of surface area 228 
effect of temperature 226 
measurement of 223 
Raw materials / 
Reacting masses 64 
Reactivity series 168, 197, 204 
Reachargeable batteries 189 
Recrystallisation 15 
Recycling of, 
glass 315 
metals 237 
Redox reactions 703, 195 
Reducing agents, 195 
tests for 199 
Reduction 194 
Refining of, 
metals 239 
oil 330 
Refrigerants 273 
Relative; 
atomic mass 34, 124, 125, 135 
charge 54 


formula mas 63 

molecular mass 43 

vapour density 44 
Respiration & 
Resources, 

energy 332 

mineral 235 
Reversible reactions 206 
Rhombic sulphur 280 
Rock salt 7, 236, 240 
Rusting 87, 190 
Rutherford, Ernest, 126, 130, 131, 132, 139 


Salt, see sodium chloride 
Salt bridge 188 
Salts, 112, 116 
acid 116 
normal 1/6 
hydrated 101 
preparation 17 
solubility 1/6 
Sand 10, 235, 342, 315 
Saponification 349 
Saturated compounds 334 
Saturated solution /4, 153 
Saturated vapour pressure 209 
Sea water 253 
Sedimentary rocks 235 
Separation of mixtures 10 
Sewage 97, 99 
Shapes of molecules 150 
Shells 139 
Shift reaction 173 
Silica, see silicon dioxide 
Silica gel 100 
Silicon chip 162 
Silicon dioxide 246, 310, 315 
Silver 167, 169 
Silver chloride 229, 251, 255 
Silver halides in photography 229 
Sliver plating 183 
Silver nitrate 229, 255, 257 
Siting ofindustry 239, 243, 249 
Slaked lime, see calcium hydroxide 
Slag 246 
Soap 102, 349 
Soda water 75, 303 
Sodium, /65 
extraction 240 
occurrence 236 
properties 165, 166, 169, 260 
uses 240 
Sodium aluminate 242 
Sodium bicarbonate, see sodium 
hydrogencarbonate 
Sodium bisulphate, see sodium 
hydrogensulphate 
Sodium carbonate, 102, 103, 304, 309, 311 
uses 314 . 
Sodium chlorate 15, 264, 309, 319 
Sodium chloride 10, 15, 253, 309, 311, 312 
bonding in 145 
crystal structure 155 
electrolysis 179, 181, 240, 316 
uses 253, 309 
Sodium hydrogencarbonate, 306, 313 
uses 314 
Sodium hydrogensulphate 116 
Sodium hydroxide 100, 112, 119, 309, 364 
electrolysis 181 
manufacture 3/6, 318 
uses 319 
Sodium hypochlorite 263, 309, 319 
Sodium methanoate 307 
Sodium nitrate 378 
Sodium nitrite. 378 
Sodium silicaté 315 407 


Sodium sulphate 116 
Sodium sulphite 26/, 285 
Sodium thiosulphate 222, 225 
Sodium zincate 119 
Solder 250 
Solids 27, 25 
Solubility, 15 
curve 15 
Solute 10 
Solution 10 
Solvay Process 3/4 
Solvent 10 
Soil 98, 355 
Spectator ions 113 
Spirits 14, 345 
Stability, thermal 204 
Stainless steel 88, 250 
Standard temperature and pressure (s.t.p.) 40 
Starch 237, 301 
States of matter 2¢ 
States of reactants and products 66 
Steam with metals 166, 206 
Stearic acid, see octadecanoic acid 
Steel 245, 248 
Storage battery 189 
Structural formula 323 
Structure, 
atomic 130 
crystal 153 
molecular 323 
Sublimation 365 
Substitution reactions 334 
Sugar 11, 83, 159, 293, 344 
Sulphates, 
solubility of 1/6 
test for 292 
Sulphur, 5 
allotropy 279 
action of heaton 280 
extraction 278 
oxidation states 294 
properties 260, 280 
uses 278 
Sulphur dioxide, 
manufacture 288 
preparation 264 
properties 284, 286 
pollution by 85, 285 
uses 287 
Sulphur trioxide, 
manufacture 288 
preparation 290 
Sulphuric acid, 
electrolysis 180 
manufacture 2/2, 288 
properties 271, 293 
uses 278, 291 
Sulphurous acid 261, 284 
Superphosphate 297 
Surface area 228 
Surface tension 26, 350 
Symbols 36 
Synthesis gs 173 


Teflon, see polytetrafluoroethene 
Temperature 

effect on equilibria 209 

effect on rates 226 
Temporary harrdness 102 
Terylene 349 
Tetraaminocopper(II) ion 148, 364 
Tetraethyl lead 86, 332, 337 
Tetrachloroethane 341 
Tetrachloroethene 264 
Tetrachloromethane 146, 334 
Tetrahedral shape 150 
Thermal decomposition 205, 305, 377 


Thermal dissociation 366,375 
Thomson, J. J- 131 

Tin plating 88, 180, 191 
Tin(II) fluoride 273 
Titanium 316,317 
Titanium(IV) oxide 297 
Titration 70 

Transition elements 128 
Transition temperature ofsulphur 280 
Trichloroethane 6, 280 
Trichloroethene 347 
Trichloromethane 334 
Trichlorophenol (TCP) 265 
Triple bond 333, 340 


Universal indicator, 115, 118 
Unsaturated compounds 334 
Urea 159, 356, 358 

Uranium 130 


Valency 6, 128 
Vanadium(V) oxide 2/2, 290 

van der Waal’s forces 157, 159, 280 
Vapour 26 

Vapour density 44 

Vapour pressure 209 

Vinegar 113, 331,345 

Vinyl chloride 339 

Vitamins 288, 357 

Volta, Alessandro 186 

Volumes of gases 37, 41 

Volumes of reactants and products 68 
Volumetric analysis 68 


Washing soda, see sodium carbonate 
Water, 94 
bonding in 147 
composition 94 
cycle 97 
electrolysis 95 
formula 96 . 
hardness 102 
inair 100 
pollution of 97 
reactions with metals 165 
sterilisation of 100 
synthesis 94 
treatment of 99, 302 
vapour 100 
Water gas 173, 308 
Water of crystallisation 707 
Wax 2 
Weak acids and alkalis 1/5, 347, 363 
Welding 340 
Whisky 74 
Wood 81, 332 
World, 
consumption 237 
+ production 233 
resources 237 


X-rays 126, 132, 150, 155, 161 
Yeast 344 


Zeolite 105 
Zinc, 
extraction 249 
ore 236 
properties 133, 166, 172 
uses 88, 157, 191 
Zinc blende 236, 249, 288 
Zinc carbonate 112 
Zinc hydroxide 119 
Zinc oxide 119 
Zinc nitrate 377 
Zinc sulphide 249, 281 


tee vi, cinta nee te 


Exercise 1 


1. 23g 
3. 80g 
5. 18g 
7. 12g 
9. 54g 


Exercise 2 


1. 2 moles 
3. 1-5 moles 
5. 1:25 moles 
7.-0-1 mole 
9. 0:02 mole 


Exercise 3 


1. CO, 
3. CH, 
5. PbO 
7. NaCl 


9. MgCO, 
Exercise 4 


1. NaBr 

3. CuO 

5. NaNO, 
7. MgCl, 
9, Ca(OH), 
11. Fe,0, 
13. FeSO, 
15. NH,Cl 
17. Na,CO, 
19. NaHCO, 


Exercise 5 


i. 64 g 

3. 5g 

5. 142g 

7. 58g 

9. 204g 
Exercise 6 
1. 2 moles 

3. 0:25 mole 
5. 3 moles 


7. 0-1 mole 
9. 2 moles 


Exercise 7 


1. 1 mole of sulphur 


3:2:3- 


5. 1 mole of ethanoic acid 


Answers to Exercises 


Exercise 8 


1. 2 moles 
3. 5 moles 
5. 10 moles 


Exercise 9 


1. 192g 
3. 560g 
5. 148g 
7. 25g 
9. 160 tonnes 


Exercise 10 


1. 7:2 dm? 
3, 120000 dm? 
5. 48 dm? 


Exercise 11 


1. 2M 

3. 02M 
5 0125M 
7. 001M 
9. 088M 


Exercise 12 


1, 2 moles 

3. 1 mole 

5. 0:02 mole 
7. 0-005 mole 
9. 0-0024 mole 


Exercise 13 


1. 80g 
3. 106g 
5. 284g 
7. 0-225 g 
9. 0:132 g 


Exercise 14 
1. 2 moles 
3. 2 moles 
5. 2 moles 


Exercise 15 


1. 0-06M, 2-4 g dm? 
3. 0:082M, 8-69 g dm~? 
5. 0:044M, 6:07 g dm-%, 97.9%, 


Exercise 16 


1. 180 cm? 
3. 255 dm? 
5. 560 cm? 
7. 176 dm? 
9. 195 cm? 


Exercise.17 


1. 2000 cm? oxygen, 


1000 cm? carbon dioxide 


3. 200 cm? 
5.. 2600 dm? 


Exercise 18 


1. 31-2 
3. 57-6, C,H,o 
5. 56 


Exercise 19 


1. 1200 coulombs 
3. 150 coulombs 
5. 18000 coulombs 


Exercise 20 


1. 96700 coulombs 
3. 97600 coulombs 
5. 193.000 coulombs 


Exercise 21 


1. 67g 
3. 448g 
5. 103g 


Exercise 22 


1. 23:4% 

3. 56g 

5. 31-4 kg 
T. 21.8.14. 
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technology. 
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